| 
aa 
> 
< 
aa 
LL, 
LL, 
on 


4 
} q 
‘ad 
; 
| 
i 
: 
te 
i 


Niagara Falls, N. Y. 
Morganton, N.C. 


stand the test of comparison. 


DURABILITY 


GLC anodes for the electrolytic industry are 


durable —their low consumption characteristics 


Sales Offices: 


Niagara Falls, N. Y. 
New York, N. Y. 
Chicago, 
Pittsburgh, Pa. 


Sales Representatives: 


Birmingham, Ala. 
Wilmington, Cal. 


PRODUCTS OF GREAT LAKES CARBON CORPORATION 


Electrode Division 

Graphite anodes. Graphite 
and amorphous carbon elec- 
trodes. Carbon and graphite 
specialties. 

Oil and Gas Division 

Crude petroleum and natural 
gas. 


Carbon Division 
Petroleum coke. Calcined 


petroleum coke. Industrial 
carbons. 


Dicalite Division 
Diatomaceous silica for filter- 


aids, fillers and insulating 
uses. 


Perlite Division 

Perlite lightweight aggregates 
and products for the building, 
oil, foundry and other indus- 
tries. Perlite ore. 


Merchant Coke Plant 4 
Premium foundry and indus- 
trial coke. Coke co-products. 
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The controlling quartz crystal vi- 
brates in vacuum at 100,000 cycles 
per second. The standard is powered 
by storage batteries, with steam 
turbo-generator standing by, just in 
case of emergency. 


BELL TELEPHONE LABORATORIES 


A Front of the new frequency-time standard at Bell Telephone Laboratories. In the rear there are 600 
electron tubes and 25,000 soldered connections. Room temperature is maintained within two degrees. 


A vibrating crystal 
keeps master time 


Ever since Galileo watched a lamp 
swinging in the Cathedral of Pisa three 
centuries ago, steady vibration has pro- 
vided ‘the practical measure of time. In 
the 1920s Bell Laboratories physicists 
proved that the quartz crystal oscilla- 
tors they had developed to control 
electrical vibration frequency in your 
telephone system could pace out time 
more accurately than ever before. 

The Laboratories’ latest master stand- 
ard keeps an electric current vibrating 
at a frequency that varies only one part 
in a billion, keeping time to one ten- 
thousandth second a day. 


Through secondary standards, a 
master oscillator governs the carrier 


Improving telephone service for America provides careers 


for creative men in scientific ond technical fields. 


Each crystal is enclosed in @ cylindrical oven which holds tha 
crystal temperature to within 1/100 of a degree. 


4 


At the A. T. & T. building at 195 Broadway, New Youlm 
passersby set watches by the world’s most accurate pul 
clock, which is controlled by the master standard. 


frequencies of the Bell System’s shi 
to-shore, overseas and mobile radijj 
telephone services, the coaxial a: 
Radia Relay systems which transi 
hundreds of simultaneous conver 
tions, or television. In the northeasteq 
states, it keeps electric clocks on tin oi 
through check signals supplied to elej 
tric light and power companies. . | 

The new standard also provides 4 
independent reference for time mea 
urements made by the U. S. Nav@ 
Observatory and the National Bure 
of Standards. Thus, world science ben 
fits from a Laboratories developme™™ 
originally aimed at producing more aj 
better telephone service. 
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Editorial 


Fiftieth Anniversary Year 


W, SALUTE the charter members of the Society! To those 
energetic, enthusiastic young men of vision and action American industry owes 
a debt of gratitude. These men foresaw the tremendous potentialities of the 
electroprocess industries and organized this Society as one means of bringing 
their dreams to realization. Nine of their number are with us to celebrate our 
Fiftieth Anniversary, and messages from them appear in this issue. To them 
the Society extends its warmest greetings and best wishes for many more years 
of good health. May they long continue to take satisfaction in the fruition of 
their early efforts! 


With this issue the JouRNAL begins the publication of a series of feature 
articles in celebration of the Golden Jubilee of the Society. It is intended to 
present a historical review of the developments in the various fields of electro- 
chemistry represented by the Divisions of the Society. Following the present 
issue, which deals with the history of the founding of the Society, all subse- 
quent numbers in 1952 will be devoted to special fields as follows: 


February—Electrodeposition August—Primary Batteries 
March-—Electrothermics September-Storage Batteries 
April-Electronies October—Corrosion 

May-—Rare Metals November-Industrial Electrolytics 
June—Electro-Organic Chemistry December-Theoretical Electrochemistry 


July—Insulation 


The Divisions of the Society are assuming the responsibility for the review 
articles and the monthly editorials. Insofar as practical, the original technical 
papers published in each issue will be related to the subject being featured. 


We shall award a scroll to the Division producing the best issue.—rMB 
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THE ELECTROCHEMICAL SOCIETY, INC. 


The Electrochemical Society is an international organization of individuals and 
companies concerned with or interested in Electrochemistry and allied subjects. 


The Society is dedicated to the advancement of the theory and practice of Elec- 
trochemistry and related subjects, as shown in the following divisions: 


Battery Electro-Organic 

Corrosion Electrothermic 

Electric Insulation Industrial Electrolytic 
Electrodeposition Theoretical Electrochemistry 
Electronics 


Among the means to this end are the holding of meetings for the reading and 
discussion of professional and scientific papers on these subjects, the publication of such 
papers, discussions, and communications as may seem appropriate, and cooperation 
with chemical, electrical, and other scientific and technical societies. 


It is an incorporated society without capital stock. The affairs of the Society are 
managed by a Board of Directors under a Constitution and By-Laws. Officers are 
nominated by a nominating committee appointed by the Board of Directors and elected 
by the members. 


Direct all general correspondence and inquiries regarding membership to Society 
headquarters at 235 West 102nd Street, New York 25, N. Y., c/o Mr. W. J. Holian, 
Assistant Secretary. 
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Contribution to the Theory of Cathodic Protection’ 


Cart WAGNER 


Department of Metallurgy, Massachusetts Institute of Technology, Cambridge, Massachusetts 


ABSTRACT 


The distribution of the electrical potential inside an electrolytic solution is calculated 
for typical cases of cathodic protection with the aid of an auxiliary metal to be sacrificed. 
These calculations are used to work out equations and diagrams which permit prediction 
of the maximum extension of metallic surfaces for which cathodic protection can be 
accomplished. Decisive factors are (a) the electrical conductivity of the corroding solu- 
tion, and (b) the current density for the cathodic reduction of oxidizers present. The 
latter value is assumed to be determined by the diffusion rate of the oxidizer from the 
bulk solution toward the metallic surface to be protected. 


INTRODUCTION 


A metal can be prevented from corroding in a 
liquid by impressing a sufficiently negative potential 
so that its ions are restrained from entering the 
ambient liquid. This so-called cathodic protection 
can be accomplished (a) by applying an electrical 
current furnished by a d-c generator or a rectifier, 
or (b) by connecting the metal to be protected with 
another metal which has a more negative (active) 
electrochemical potential with respect to the ambient 
liquid. 

The corrosion of a homogeneous metal can be 
described by the following consecutive reactions: (a) 
transfer of electrons from the metal to the corroding 
agent such as oxygen, (b) transition of positively 
charged ions from the metal to ambient liquid, 
eventually in conjunction with the formation of 
complex ions and solid compounds. In the case of 
cathodie protection with the aid of a second metal 
2 to be sacrificed (e.g., zine), electrons are also 
transferred from metal 1 to be protected (e.g., 
copper) to the corroding agent (e.g., oxygen), but no 
positively charged ions leave metal 1, for an equiv- 
alent amount of electrons is furnished by metal 2, 
whose ions alone enter the ambient liquid. The 
electronic current inside metals | and 2 is balanced 
by an equivalent ionic current inside the liquid so 
that each volume element remains electrically neu- 
tral. These are the principles of cathodic protection 
according to Mears and Brown (1) and others. 

In general, cathodic protection can be accom- 
plished only if the area of metal 1 is not too far 
remote from the area of metal 2 to be sacrificed. 
The maximum distance over which cathodic pro- 
tection can be accomplished depends on various 
lactors. The following two relations are intelligible 
vithout calculations. First, a sufficiently negative 

' Manuscript received May 1, 1951. This paper prepared 


lor delivery before the Buffalo Meeting, October 11 to 13, 
1951, 


potential will be impressed upon metal | over a rather 
large distance if the conductivity of the liquid is 
high. Second, the higher the corrosion rate which 
must be compensated by an electrical current, the 
shorter are the distances over which cathodic pro- 
tection can be accomplished, for the potential drop 


due to the electrical current inside the liquid must 


be sufficiently less than the open-circuit voltage of a 
cell with metals | and 2 in the corroding liquid. 

The latter condition has been stated by many 
authors but is difficult to evaluate, for the path of 
the current between cathodic and anodic areas is not 
directly given and depends on both electrical con- 
ductivity of the solution and polarization of the 
electrode processes involved. 

As clarification, solutions for special conditions 
have been worked out. 

In contradistinction to other investigations, it is 
assumed that the 7R potential drop inside the metals 
can be disregarded and the surfaces are not provided 
with coatings which would cause an additional elec- 


‘trical resistance. The latter conditions are, however, 


to be taken into consideration in a theoretical analy- 
sis of cathodic protection of pipe lines as shown by 
Rogers (2), Scott (3), and others. 

Moreover, the following considerations do not 
apply to cathodic protection of the hull of a ship if 
the hull is coated but the coating is porous. To 
treat this problem, one needs data characterizing 
the porosity of the coating. At present, no satis- 
factory measuring method seems available. 


(GJENERAL PRESUPPOSITIONS 


If the corroding solution contains a finite eon- 
centration of ions of metal 1, there is a well-defined 
equilibrium single electrode potential Lj;.q) of metal 
1, which can be measured as the voltage of the cell. 


Standard | Salt Solution free from | Metal 1 
hydrogen | bridge | oxidizing agent 
electrode 
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The single electrode potential is given a positive 
sign if in the foregoing cell the positive pole is on 
the right-hand side. It may also be calculated from 
the standard single electrode potential of metal 1 
with the aid of Nernst’s formula, or from free energy 
data (4). 

If there are only microscopic inhomogeneities on 
the surface of metal 1 and the conditions for diffusion 
of the oxidizing agent toward the surface of metal 
1 do nor vary substantially from point to point, 
metal | immersed in the corroding solution (without 


4- 


CURRENT DENSITY 


Fig. 1. Potential-current density curves. Curve Jai): 
single electrode potential of metal | as a function of current 
density for dissolution of nw cal 1, Curve single electrode 
potential of metal 1 as a funetion of current density for 
cathodic reduction of oxidizing agent on metal 1. Eye): 
equilibrium single electrode potential of metal 1. EF,: 
equilibriam single electrode potential of metal 2. 
corrosion potential of metal 1 if not connected with metal 
2. E, (X): local single electrode potential of metal 1 at 
point X when connected with metal 2. @ (X): electrical 
potential difference between a point in the electrolyte 
next to point XY at the surface of metal 1 and a point in the 
electrolyte next to the surface of metal 2. 


connection with metal 2) assumes a. well-defined 
single electrode potential Fo... , to be measured as 
the voltage of the cell 


Standard | Salt Corroding | Metal 1 
hydrogen | bridge | solution 
electrode 


As shown in Fig. 1, the corrosion potential is the 
single electrode potential which corresponds to the 
intersection of the potential-current density curve 
for dissolution of metal 1 (anodic current density 
Joa) and that for reduction of the oxidizing agent 
(eathodic current density J.), all current density 
curves referred to unit geometrical area of metal 1. 
The presence of local elements involving separate 
cathodic and anodic areas on the surface of metal 1 
is immaterial for the application of this diagram as 
shown by Wagner and Traud (5). 

In Fig. 1, it is assumed that the current density 
curve for the reduction of the oxidizing agent is 
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independent of the electrode potential of metal | as 
far as it is more negative than the corrosion potential, 
A potential-independent current density curve is 
found if polarization is determined essentially by 
diffusion of the oxidizing agent across a steady- 
state hydrodynamic boundary layer, i.e., if molecules 
(or ions) of the oxidizing agent are reduced very 
rapidly and thus their concentration at the surface 
is mich less than the bulk concentration. In many 
practical instances, this assumption does not hold 
strictly, but it is introduced to simplify the following 
mathematical analysis. Deviations from this assump- 
tion are considered below. 

In addition, it is assumed that the concentration 
of ions of metal | in the electrolyte is so small that 
we can disregard the current density for the electro- 
lytic reduction of these ions if the single electrode 
potential of metal 1 is below its equilibrium single 
electrode potential. 

We then consider the case that metal 1 is con- 


nected with metal 2 immersed in the same electro- @ 


lyte. 
Apart from the aforementioned potential-current 
density curves on metal |, the corresponding curves 


for anodic dissolution of metal 2 and cathodic re- § 


duction of the oxidizing agent on metal 2 are needed & 
for a complete theoretical analysis. To simplify § 


calculations, we assume that polarization for anodic 


dissolution of metal 2 is negligible. In other words, | 


the single electrode potential HZ, of metal 2 in the 
corroding solution is supposed to be essentially 


independent of the current density prevailing at its | 


surface under the given conditions but eventually 
may be different from the equilibrium potential for 


zero current. Accordingly, the electrical potential in | 
the electrolyte along the surface of metal 2 will be @ 


essentially constant. As shown below, results of cal- 
culations are then independent of special assump- 


tions regarding the potential-current density curve | 


for reduction of the oxidizing agent on metal 2. It 
may be mentioned, however, that the current density 
for reduction of the oxidizing agent per unit geo- 
metrical area of metal 2 at the single electrode poten- 
tial FE, will frequently be equal to the limiting current 
density for reduction of the oxidizing agent on metal 
1 provided that diffusion conditions on metal 1 and 
2 are substantially equal. 


Evolution of hydrogen is assumed to be negligible. } 


Consequences due to this side reaction are con- 
sidered at the end of this paper, especially in eq (50). 
If there is a boundary between metals 1 and 2 in 


contact with the electrolyte, the local single electrode | 


potential of metal 1 at the boundary will be equal 
to the single electrode potential of metal 2, since 
polarization of the latter metal is supposed to be 
negligible. At any point XY remote from the boundary, 
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however, the local single electrode potential £,(X) 
of metal 1 will be more positive. Here the local 
single electrode potential for a specified point X at 
the surface of metal 1 is defined as the voltage of 
the cell 


Salt 
bridge 


Standard hydrogen 


electrode solution 


Corroding | Metal 1 


where the opening of the capillary leading from the 
corroding solution to the salt bridge is located nedr 
point X at the surface of metal 1. Measurements of 
local single electrode potentials have been reported, 
for instance, by Copson (6) and by Jaenicke and 
Bonhoeffer (7). 

The potential difference £\(X) — KH, equals the 
“JR drop” inside the electrolyte due to the electrical 
current between the surfaces of metals | and 2, i.e., 
the potential +ifference between a point in the elec- 
trolytic solution near the surface of metal 2 and a 
point adjacent to point X, inside the electrolyte. 

Since all points of metal 2 are supposed to have 
the same electrical potential, and the potential 
difference between metal 2 and the ambient solu- 
tion is assumed to be constant, all points in the 
electrolyte at the surface of metal 2 also have the 
same potential. For convenience, the electrical po- 
tential of the electrolyte at the surface of metal 2 is 
defined as zero potential. Then the electrical poten- 
tial @ for any point inside the electrolyte may be 
measured with the aid of probes whose capillaries 
leading to suitable reference electrodes have open- 
ings at the point under consideration and at the 
surface of metal 2, respectively. 

Since the positive current inside the electrolyte 
flows from metal 2 to 1, the potential @(X) is negative 
for all points X at the surface of metal 1. Equating 


the aforementioned difference 2,\(X) — FE, to the 
absolute amount of @(X), we have 
E\(X) — BE, = —¢(X). (1) 


If complete cathodic protection is to be accomp- 
lished, the local single electrode potential of metal 
| for any point XY must be more negative than its 
equilibrium single electrode potential, since other- 
wise, according to Fig. 1, metal 1 is dissolved. Thus 


< E eq) (2) 
Combining eq (1) and (2), we obtain 
—$(X) < — (3) 


us the general condition for complete cathodic pro- 
tection under the foregoing assumptions. In_partic- 
lar, this condition must be met at points of metal 1 
which are most remote from metal 2. 

To apply eq (3), we have to calculate the value of 
ihe potential ¢. To this end, we may use the Laplace 
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differential equation 
div grad @ = 0, (4) 


valid for any conductor without space charge, and 
pertinent boundary conditions. As stated above, we 
have 


@ = 0 at the surface of metal 2. (5) 


At the surface of metal 1, the total current density 
is given as current density J. for reduction of the 
oxidizing agent, provided < . Accord- 
ing to Ohm’s law, we have therefore 


0o/dn = J./o at the surface of metal 1 = (6) 


where a is the electrical conductivity of the electro- 
lyte and n is a coordinate normal to the surface of 
metal | (positive in the direction of the electrolyte). 

Details of calculations of the potential depend 
on the geometry of metals 1 and 2 as is shown in the 
following section. 


PoreNTIAL DIFFERENCES INSIDE THE ELECTROLYTE 
AND LIMITING CONDITIONS FOR COMPLETE 
CatTuopic PROTECTION 


We start with three trivial cases where the poten- 
tial along the surface of metal 1 is constant. 

1. Two infinite parallel plates of metals 1 and 2 
opposite to each other—-We consider two infinite 
plates of metals | and 2, parallel to each other, and 
a corroding solution between. The current density 
at any point between these plates equals the given 
current density J. for the reduction of the oxidizing 
agent. Thus we readily obtain from eq (6) for any 
point X at the surface of metal 1 


= —J.D/o (7) 


where D is the distance between plates of metals | 
and 2. In view of eq (3) we have as limiting condition 
for complete cathodic protection 


J.D < o[E (8) 


2. Concentric cylinders of metals 1 and 2.—We 
assume a cylindrical container of metal 1 with 
radius r; and a concentric rod of metal 2 with 
radius re, both of infinite length. If r denotes the 
distance from the center line, eq (4) becomes 


1a (_a¢\ 
Boundary conditions (5) and (6) are satisfied by 
@ = —(J.r/e) In (r/re). (10) 


Substitution of eq (10) with r = r, in eq (3) 
yields as limiting condition for complete cathodic 
protection , 


Jer, In < — (11) 
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3. Concentric spheres of metals 1 and 2.—-We as- 
sume a spherical container of metal | with radius 
r, and a concentric sphere of metal 2 with radius r. 
(i.e., re < 1m). Let r be the distance from the center 
of the spheres. Then eq (4) becomes 


La _ 


Boundary conditions (5) and (6) are satisfied by 


¢ ‘) (13) 


o re r 


Upon substitution of eq (13) with r = rm in eq 
(3), we obtain as limiting condition for complete 
cathodic protection 

J (ri — 12) (r1/r2) < 


(14) 
for > fe. 


In addition, we may assume reverse conditions, 
i.e., a spherical container consisting of metal 2 and 
inside a sphere of metal 1 with radii r. and r,, 


y 
Corroding Solution 


Fic. 2. Strip of metal 1 surrounded by metal 2 


respectively. This arrangement will not be used 
under practical conditions, but the resulting equa- 
tions can be used for more general conditions as is 
shown below in eq (47). For rz > m1, we have instead 


of eq (13) 
o r re 


Substituting eq (15) with r = rm in eq (3), we 
obtain as limiting condition for cathodic protection 


J (rz — ry)(r; 
(16) 


4. Strip of metal on an infinite plate of metal 2.—We 
then consider an infinite sheet of metal 1 covered 
with metal 2 in general but uncovered along a strip 
of breadth a as shown in Fig. 2. This situation may 
be encountered when locally the layer of metal 2 
on metal | is either mechanically destroyed or 
prematurely consumed by chemical action of the 
surrounding solution. Using the coordinate system 
indicated in Fig. 2, we can write the Laplace dif- 
ferential equation as 


+ = 0. (17) 
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The general boundary conditions (5) and (6) be- 
come 


OY 


Moreover, the potential gradient far from the 
metallic surface must vanish. The solution of this 
problem may readily be obtained upon introduction 
of the complex variable z = x + iy where i = (—1)'. 
Differential eq (17) and all boundary conditions are 
satisfied by 


@ = —(J./e) Re — + iz} (20) 


where Re denotes the real part of the subsequert 
expression. 


Oat |x| > ja,y =0 (18) 
J./coat|x| < fa,y = 0. (19) 


| 
-0.2 


-0.8 


-1.0 | | 
-0.4 -0.5 -O2 -0.! O +0.2 +0.4 +0.5 
x/a 


Fic. 3. Electrical potential @ at the surface of metal | 
according to eq (21) for geometrical conditions shown in 
Fig. 2. 


From eq (20) it follows that the potential at the 
surface of metal | equals 


(21) 
at |x| < fa, y = 0. 

A graph of this function is shown in Fig. 3. At the 
midline of the strip of uncovered metal | (x = 0), we 
have the highest amount of the electrical potential 
¢. Substituting ¢(2 = 0, y = 0) in eq (3), we obtain 
as limiting condition for complete cathodic pro- 
tection 


< o[E eq) — Fl. 22) 


From eq (20), we can also calculate the current 
density Jag) = J(jx| > fa, y = O) at metal 2 
as anode 


Jax _ _-o 


J, J. | ay! 


eA 
— 


A graph is shown in Fig. 4. At the boundary of 
metals 1 and 2, the current density becomes infinite. 
Actually, the current density is finite because oi! 
polarization, disregarded in the foregoing calcula 
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tion. The approximate value of the current density 
at the boundary between metals 1 and 2 can be 
calculated in a similar fashion as the current density 
on edges of cathodes in electroplating processes has 
been calculated (6). Although polarization limits 
the current density, it is higher at the boundary, 
and accordingly the breadth of the open area of 
metal 1 will enlarge in the course of time. 

5. Periodic array of strips of metals 1 and 2.—As a 
more general case, we consider a periodic array of 
strips of metals 1 and 2 of breadth a and b, respec- 
tively, as shown in Fig. 5. This situation may be 
encountered when metal | is covered with metal 2 
in general, but metal 2 has been removed at equi- 
distant intervals. Or, metal 1 may have been coated 


14 


0.2 
c 


0.5 0.75 10 125 1S 


x/a 


Fic. 4. Current density at the surface of metal 2 ac- 
cording to eq (23). 


with metal 2 only intermittently. In view of the 
periodicity assumed, we can confine our considera- 
tions to the area between « = —4}(a + b) and 
x = +}(a + b) as indicated in Fig. 5. Denoting the 
distance from the metallic surfaces by y, we have 
according to eq (5) and (6) the boundary conditions 


@ = Oat |x| < }b,y = 0 
06/dy = J./a 


at $b < |x| < }(a+ b), y = O. 


(24) 
(25) 


Furthermore, the current density and likewise 
the potential gradient in the direction of the x-axis 
must vanish at the symmetry planes at |x| = 


(a + b), 


0¢/dx = Oat |x| = }a+b),y>0. (26) 
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If no exterior current is applied, current density 
and potential gradient must vanish at infinite 
distance y. Thus 


0o/dy = Oaty = (27) 

Finally, we have the Laplace differential equation. 
To obtain a solution of this problem, we employ the 
method of conformal mapping illustrated in Fig. 6. 


2 2 2 
-$(a+b) +4(a+b); 


Fic. 5. Array of strips of metals 1 and 2 


a) z-plane 
A G(y=®) 


ty 


D E F 
-$(a+b) -+b +o (a+b) 


b) z-plane 


ty' 


a B' c' G' 
+o +1 +@ 
c) z"-plane 
ty" 
8" 


Fig. 6. Conformal mapping 


The semi-infinite strip ABCDEFG of the z-plane in 
Fig. 6a is transformed into the upper half of the 
2’-plane in Fig. 6b, and subsequently into the semi- 
infinite strip of the z”-plane shown in Fig. 6c so that 
the side C”D”E” corresponds to the surface of 
metal 2 extending over CDE in Fig. 6a. The values 
z, 2’, and 2” are the complex variables x + iy, 
a’ + iy’, andx” + iy”, respectively, where i = (—1)! 
and the coordinates x, y, x’, y’, x”, and y” are de- 
fined as is indicated in Fig. 6. The equations inter- 
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relating the variables z, z’, and 2” are satisfied. Thus ri 
La 
2’ = sin [xz/(a + b)] (28) 

(36) 

” = sin” f 2 \ (29) 

\ sin [$rb/(a + b)] 


Details of transformations involving complex 
variables may be found in textbooks (9). 

As a preliminary step, we solve @iferential eq 
(4) regardless of eq (27), and with the boundary 
condition 


do/dy = 0 
at $b < |x| < }(at+b),y =0 


(30) 

instead of eq (25). The boundary conditions (24), 
(30), and (26) become in the z”-plane as follows: 

@ = Oat |2”| < x,y = 0 (31) 


0¢/0x” = Oat | a2” | = y” > 0. (32) 


] 
[ 


aeb 


Fic. 7. Graph for factor f, defined in eq (39) 


These boundary conditions and the transformed 
differential eq (4) ave satisfied by 


@ = CRe(iz”) (33) 


where Re( --- ) is the real value of the e. vression 
set in parentheses and C is a constant of integration. 
Substitution of eq (28) and (29) in eq (33) yields 


. sin [wz/(a + 
= CRe \' sin + (34) 


Upon differentiation of eq (34) it follows that the 
derivative of the potential with respect to y at 
y = © equals 


(0p/OY)ym0o = + b). (35) 


We then obtein the solution of the original prob- 
lem, determined by eq (4) and (24) to (27), by adding 
yJ./o to the right side of eq (34) and setting C = 
(a + b)J./xo0 so that eq (25) and (27) become 


Hence it follows that the potential of the liquid 
at the surface of metal 2 equals 


_ (a+ d)J. cosh” sin [rx/(a + 
sin [4xb/(a + b)] (37) 


for $b <|x| < }(a+b),y = 0. 


Su 


lin 


Graphs of this function are similar to that for the 9 
limiting case a/(a + b) = 0, shown in Fig. 3. 

At the midline of strips of metal 1 we have the 
highest amount of the electrical potential. Substi- 
tuting ¢ for x = $(a + b), y = 0 in eg (3), we obtain 
as limiting condition for complete cathodic pro- J 
tection 


where 


;) om sin [}4b/(a + b)] (39) 


Fig. 7 shows a graph for the factor f; as a function 
of a/(a + b), i.e., the ratio of the area of metal | 
to the total area covered by metals 1 and 2. In ac- 
cordance with eq (22) the factor f; equals one half @ 
for a/(a + b) << 1 and increases only slowly with §@ 
increasing area fraction of metal 1. The decisive @ 
factor in the limiting condition (38) is, therefore, 
the breadth of strips of metal 1, whereas the area | 
ratio of metals | and 2 is rather unimportant unless @ 
only a very small fraction of the total surface is 7 
covered by metal 2. q 

6. Discs of metal 1 on an infinite plate of metal 2.— 
Finally, we consider an array of dises of metal 1 on e. 
the surface of metal 2. Equivalent is the case that 
we have base metal 1 coated with metal 2 in general, @ 
but small circular areas of metal 1 are free of metal i 
2. For the sake of simplification, we assume that the @ 
diameter of an individual disc is small in comparison @ 
to the distance between neighboring discs. We can J 
then confine our considerations to a single dise on 9 
an infinite plane of metal 2. Using the general @ 
boundary conditions for the surfaces of metals | @ 
and 2, respectively, as stated in eq (5) and (6), 
we have a 


d¢/dy = J-/coatr<n,y =0 (40) 


¢=Oatr>n,y =0, (41) 


where y is distance from the surface plane, r is &@ 
distance from the center of the dise of metal 1, and § 
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r, is its radius. For these oundary conditions the 

Laplace differential equation has been solved by 

Levich and Frumkin (10). According to these 

authors, the potential at the surface of metal 1 
equals 

(42) 
forr<n,y = 0. 

The center of the dise is the most critical point. 

Substitution of ¢(r = 0, z2 = 0) in eq (3) yields as 

limiting condition for complete cathodic protection 


(2/m)J = — E,}. (43) 


This equation is a close analogue to eq (22) for 
strips of metal 1 on an infinite plane of metal 2. 
Since according to Fig. 7 the area ratio of metals 1 
and 2 is unimportant for an array of strips unless 
the fraction of the area covered by metal 2 is very 
smail, eq (43) also holds approximately for an array 
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area covered by metal 2 is much smaller than the 
area of metal 1, or the minimum distance between 


points at the surfaces of metals 1 and 2 is much © 
greater than the maximum distance between two ~ 


points at the surface of metal 1, as, for instance, if 
a small sphere of metal | is located in a large con- 
tainer of metal 2. 

For instance, eq (44) will hold for sheet metal of 
type 1 coated with metal 2 at both sides if a section 
normal to the sheet surface is in contact with the 
corroding medium. In this case, the characteristic 


length L in eq (44) is, of course, the thickness of — 


sheet metal. In view of analogy to eq (22) and 
(43), the factor f will be of the order of unity, but 
its exact value is still to be calculated. 

The same considerations apply to the cross 
section of a wire of metal 1 coated wit. metal 2. 

If the area of metal 2 is much smaller than the 
area of metal 1, most of the potential drop in the 


TABLE I. Values of Lf in eq (44) for various geometrical conditions 


Case Geometry Equation Lf 
Two parallel plates at distance D D 
2 Concentric cylinders of metals 1 and 2 with radii r; and r. 11 ry In(ri/re) 
3 Concentric spheres of metals 1 and 2 with radii r; and rp 14, 16 | ry — re | (11/12) 
4 Strip of metal | of breadth a on an infinite plate of metal 2 22 ha 
a 
5 Periodic array of strips of metals 1 and 2 of breadths a and b 38, 39 at ra ;) 
a 
6 Dises of metal 1 of radius r; on a plate of metal 2 43 (2/mr)ri 
7 Small sphere of metal 2 of radius r, protecting a large area A, of 
metal 1 45 A,/(Arrs) 
8 Small dise of metal 2 of radius r. protecting a large area A, of 
metal 1 46 A,/(8r2) 
9 Small sphere of metal 1 of radius r; opposite to large area of metal 2 47 ry 


of dises provided that at least fifty per cent of the 
total area is covered by metal 2. 


GENERAL FORMULATION OF THE LIMITING 
CONDITION FOR COMPLETE 
Catuopic PROTECTION 


Summarizing the foregoing equations for various 
geometrical conditions, we rewrite the limiting con- 


dition for complete cathodic protection in the general 
form 


< o[E — (44) 


where L is a length characteristic of the special 
geometry, and f is a dimensionless factor, depend- 
ing on length ratios and angles| involved. Special 
results of the foregoing calculations have been 
compiled in Table I. If L is chosen as the maximum 
distance between any point of the surface of metal 
| and the closest point of the surface of metal 2, 


the value of f is of the order of unity, unless the 


liquid occurs in the immediate vicinity of metal 2 
where the local current density is high. In _par- 
ticular, we consider a small sphere of metal 2 in a 
large container of metal 1. For rz << r,, eq (14) 
may be rewritten as 
J 
—— < — (45) 
where A, = 4r,’ is the area of metal 1 to be pro- 
tected. Since the potential drop in the liquid is 
concentrated around the sphere of metal 2 as one 
recognizes from eq (13), eq (45) also holds if the 
surface of metal 1 has any other geometry, e.g., 
a half sphere, a rectangular trough, or a pipeline, 
provided that the minimum distance between points 
on the surfaces of metals 1 and 2 is much greater 
than the radius of the sphere of metal 2, and the 
surface of metal | is not too irregular, i.e., deep 
cavities and other obstacles for the current do not 
oceur. 
Similar conditions prevail if there is a relatively 
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small dise of metal 2 instead of a sphere of metal 2. 
Using the formula for the potential distribution 
around a dise inside a large sphere according to 
Ollendorff (11), we obtain instead of eq (45) 


J cA ! 


where rz is the radius of the disc. For a dise of metal 
2 bare at one side and attached to an insulating wall 
at the other side, the left-hand member of eq (46) 
has to be multiplied by a factor of two. 


2000 -— sem? 
1000 20pA/cem2 
500 50u A/cm? 
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/cm2 
50 500uA/cm2 
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Fic. 8. Maximum breadth in em of a strip of iron on an 
infinite surface of zine if complete cathodic protection is to 
be accomplished. 


Iron loss without cathodic 


Current density ome cm?) for 
oxygen protection (mdd) 


cathodic reduction 


10 10°° 32 
64 
160 
320 
200- 10> 640 
1600 
1000-10" 3200 


In particular, eq (45) and (46) apply, if relatively 
small areas of metal 2 are used in order to protect 
underground constructions of metal 1, provided that 
the /R drop in the metallic components is negligible 
and the electrical conductivity of the soil is uniform. 
As mentioned above, the 7R drop occurs mainly in 
the vicinity of metal 2 under the conditions under- 
lying eq (45) and (46). The 7/R drop around metal 
2 may be decreased considerably by providing a 
solution of high conductivity around metal 2. Thus 
‘athodic protection can be accomplished for large 
areas of metal | beyond the limiting conditions 


(45) and (46). This possibility is widely used iy 
the protection of pipelines. 

On the other hand, if the area of metal 1 is much 
smaller than the area of metal 2, most of the poten- 
tial drop in the liquid occurs in the immediate 
vicinity of metal 1, where the local current density 
is high. For a small sphere of metal 1 inside a large 
sphere of metal 2, we may rewrite eq (16) as 


J < E,). (47) 


This equation will also hold for a sphere of metal | 
connected with sufficiently large areas of metal 2 
of arbitrary shape at arbitrary distance from metal 
1. A similar equation holds for a dise of metal 1. 

The expression “electrical resistance’ of the 
electrolyte surrounding a couple consisting of metals 
1 and 2 is not used in the foregoing considerations, 
since it is applicable only to some of the cases con- 
sidered above. The electrical resistance of a con- 
ductor is defined as the quotient of voltage and 
electrical current. This definition implies that 
specified terminal faces have uniform electrical 
potentials, since otherwise the concept of a voltage 
across the conductor is meaningless. Consequently, 
the term “electrical resistance’? could be used for 
the first three instances considered above but not 
for the following instances involving great varia- 
tions of the electrical potential along the surface 
of metal 1. ‘ 

From eq (44) we can draw the following conclu- 
sions with regard to the permissible conditions under 
which cathodic protection can be achieved. 

1. For a given geometry, in particular a given 
area ratio of metals | and 2, and a given voltage 
difference E.|, the permissible current 
density /., determined by the diffusion rate of the 
corroding agent, is proportional to the electrical 
conductivity of the corroding solution, and_ in- 


versely proportional to the minimum distance J 


between points at the surfaces of metals 1 and 2. 
2. For a given geometry, in particular a given 

area ratio of metals 1 and 2, and a given voltage 

difference — the permissible distance L 


is proportional to the electrical coaductivity of the J 


corroding solution, and inversely proportional to the 


current density J., i.e., the diffusion rate of the j 


corroding agent. 


We readily recognize the special merits of cathodic J 
protection in sea water involving a relatively high J 


electrical conductivity but a small diffusion rate of 


oxygen as corroding agent, so that the permissible 
length L in eq (44) becomes relatively large. 


For further illustration, Fig. 8 shows the maxi- | 


mum breadth of a strip of iron as metal 1 on an § 


infinite area of zine as metal 2. For the calculation | 
of curves shown in Fig. 8, eq (22) with a value ol § 
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0.2 volt as a conservative value has 
been used. Values of J, assumed and iron losses 
of a completely active unprotected surface cor- 
responding to the values of J. assumed are listed 
in the caption of Fig. 8. 

As follows from a comparison of eq (22) and (38), 
the maximum breadth of metal | for alternating 
strips of metals 1 and 2 equals }/f; times the 
breadth shown in Fig. 8, where the value of f/f 


fis defined by eq (39) and presented as a graph in 
Mig. 7. Thus for equal breadths of the strips of 
™ metals | and 2, the maximum breadth of iron shown 


‘in Fig. 8 has to be multiplied by a factor of 0.88. 


Tun EXISTENCE OF A THRESHOLD CONCENTRATION 


OF THE CORRODING AGENT FOR THE 
OCCURRENCE OF CORROSION 
The most characteristic feature of cathodic pro- 
tection is that corrosion will positively not occur 


™ if the foregoing limiting conditions are not trans- 


gressed. Thus we may increase the concentration 


© of the corroding agent up to a critical value without 


corrosion whatsoever, but a further small increase 
of concentration will lead to dissolution of metal: 1. 


= For illustration, we consider once more two parallel 


plates of metals | and 2 at distance D. We assume 
potential-current density curves as shown in Fig. 
1, and, moreover, we assume that polarization for 
the dissolution of metal 1 is very small, so that 
E, 2 Ej¢eq) for all practical values of the dissolution 
rate of metal 1. If J.D > icq) — , metal 1 
will assume virtually its equilibrium single. poten- 
tial. The effective current density J.1°, equivalent 
to the supply of electrons from metal 2 to metal | 
per unit area, may be calculated from eq (7) upon 
replacing —$@(X) by — Ee. Thus 


(48) 


The dissolution rate of metal 1, #/A, in chemical 
equivalents per unit area is then the coulomb 
equivalent of one faraday times the difference of 
the saturation current density /., to be measured 
by polarization of metal 1 below its equilibrium 
single potential, and the effective current density 
Ju, calculated in eq (48). If diffusion is the de- 
termining factor, the current density J, is propor- 
tional to the concentration ¢ of the corroding agent, 
J. = Ke, but the effective current density J c¢¢ is 
independent of ¢. The dissolution rate of metal 1 
per unit area in equivalents per seconds as a func- 
tion of the concentration of the corroding agent will 
therefore be 


n/A 


0 if c < J ott ‘K 
(Ke — ife = 


oti 


ere F denotes one faraday, equal to 96,500 
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coulombs. The corresponding graph for n/A as a 
function of ¢ is a broken line, shown schematically 
in Fig. 9. 

The existence of a threshold concentration for the 
occurrence of corrosion indicated in Fig. 9 has great 
practical consequences. Let us assume that metal 1 
to be protected shows pronounced local corrosion 
such as intergranular corrosion og stress corrosion. 
Then dissolution of a small quantity of metal 1 
may result in a structural failure. This can easily 
be prevented by cathodic protection if the limiting 
condition (44) is not transgressed, even not tempo- 
rarily. 


CORROSION RATE 


2 CONCENTRATION OF OXIDIZING AGENT 


Fic. 9. Corrosion rate #/A as a function of conce 
tration ¢ of the oxidizing agent according to eq (49). 


CONCLUSIONS 

For practical applications of the foregoing limiting 
conditions for complete cathodic protection, we have 
to discuss the experimental determination of all 
values involved ard the significance of deviations 
from simplifying assumptions introduced above. 

The determination of the electrical conductivity 
of the corroding solution needs no explanation. 

The determination of the single electrode potential 
of metal 1 in the corroding solution has been ex- 
plained above provided that its value is defined. 
But an equilibrium single electrode potential exists 
only if the concentration of ions of metal 1 is ade- 
quately defined. Under most practical conditions, 
this concentration is not adequately defined. Instead, 
it is only known that the concentration of ions of 
metal 1 is very low. Then the potential-current 
density curve for dissolution of metal 1 at small 
current densities will be determined mainly by con- 
centration polarization. It can be shown that in 
absence oi complex formation or precipitation of 
slightly soluble compounds the current density is 
negligiblé from a practical point of view if the con- 
cer.tration of metal ions at the surface of metal 1 
is less than 10~" gram ion per liter or so. According 
to Nernst’s formula, the corresponding equilibrium 
single electrode potential of a divalent metal is 0.2 
volt less than the standard single electrode potential 
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of metal 1, i.e., the equilibrium single electrode po- 


January 1952 


In particular, slightly soluble deposits may increase | 


Vol. 


tential for unit activity. Consequently, if the the polarization of zine anodes to a large extent Wh 
equilibrium single electrode potential of a divalent Zine anodes for cathodic protection in sea water are @ ff: 
metal | in the corroding solution is not measureable, profitable only if polarization is sufficiently low as § ¢f 7 
one may replace the value of Eiieq) by the standard is the case with high-purity zine anodes, according § yh 
single electrode potential minus 0.2 volt and thus to May, Gordon, and Schuldiner (12). Eventually, @ ve 
obtain a limiting condition for ‘virtually complete however, the required area of anodes to be sacrificed @ ° . 
cathodic protectign.” In the case of complex for- may be determined mainly by the condition that a 
mation, one has to take the equilibrium single the anodic current density must be sufficiently low :.. om 
electrode potential of metal 1 for unit activity of in order to minimize polarization. 3 Est 
complex ions and for activities (or concentrations) As a whole, the uncertainty of the potential ” 
of complex-forming ions as they are encountered in difference E\i.q) — E is not serious for application of mi 
the corroding solution, minus 0.2 volt. If a solid eq (44) to design problems, for other uncertainties ij, 
compound is formed upon dissolution of metal 1, are far more important. Pee 
e.g., silver chloride in a solution of sodium chloride, The most difficult problem is the determination we. 
the equilibrium single electrode potential Ey.q) is of the value of J, to be inserted in eq (44). The aaa 
that which is measured in presence of the solid com- corrosion rate is frequently not determined by @ of | 
pound and the anions involved. diffusion of the oxidizing agent. Then the current @ Boss 

Mears and Brown (1) have introduced a some- density for its reduction depends on the single J ee 
what different condition. They assume local elements electrode potential of metal 1, while, as illustrated @ pro 
with definite cathodic and anodic areas at the surface in Fig. 1, a constant value of J, has been assumed Te the 
of metal 1 and state that dissolution of metal 1 is throughout the foregoing theoretical analysis. BE tio: 
prevented if metal 1 is polarized to the “open-circuit Under given conditions, the practical upper @ ' 
potential of local anodes.”’ This formulation implies, limit, J ecmox), i8 found if the, single potential /, is q elec 
however, that no cathodic process occurs at local forced on metal 1 and the resulting current density Oe wh 
anodes. But local anodes are frequently only areas is measured electrically, provided that the applica- 4 Bur 
with preponderating anodic reactions. If also tion of the potential F, does not result in the dis- % poi 
cathodic reactions take place at such areas, dis- charge of hydrogen ions. If this is the case, one may Hj); 
solution of metal | takes place in case the electrical determine the current density as a function of be 
connection between cathodic and anodic areas is electrode potential and will under most conditions 3...) 
interrupted, since then the same conditions prevail find a certain range of the potential in which the Hm, ; 
as for the dissolution of amalgams with an ideal current density is approximately constant. Then His; 


homogeneous surface (5). The condition introduced 


the “saturation current” is to be taken as practical 


above is, therefore, more general than the condition 7 


upper limit J¢cnsx). In more rigorous calculations, 
introduced by Mears and Brown. 


however, one has to take into account that the @ 


re 

A direct experimental determination of the open- cathodic current density may depend on the elec- E - ” 
circuit potential of local anodes at the surface of trode potential even if every oxygen molecule the 
metal | with microscopic inhomogeneities is, of arriving at the electrode is readily reduced, for one pot 
course, not possible, since one cannot interrupt the oxygen molecule may be reduced (a) to hydrogen of 
electrical connection between local cathodes and peroxide by uptake of two electrons and (6) to By coc 
anodes. Instead, one has to rely on calculations indi- water by uptake of four electrons, and the ratio of Wj, 
cated above. Thus the difference between the con- these two reactions depends on the electrode po- = 
cept of Mears and Brown and that of this paper has tential as has been shown recently by Delahay (13). Far 
no consequences in regard to the numerical values If metal | to be protected shows pronounced '" 
in subsequent calculations. local corrosion, a design must be based not on Spx 
The determination of the single electrode potential average conditions but on the most severe conditions (6) 
of metal 2 has been explained above. To simplify possibly encountered. Consequently, variations of § 
the mathematical analysis, it has been assumed that the electrical conductivity of the corroding medium pl 
polarization for dissolution of metal 2 is negligible, and variations of the current density J, for any ¥ 
i.e., a constant value can be used. Deviations from conditions likely to occur must be estimated. This the 


a representative average value of /, will, in general, 
be small, since cathodic protection can be accom- 
plished only if one chooses conditions under which 
the single electrode potential of metal 2 does not 
vary excessively with current density. In practice, 
this condition may represent a serious limitation. 


is an inherent difficulty of any design of cathodic @ 


protection. The current density Je¢nsx) depends not 


only on concentrations of oxidizing agents but also @ 
on diffusion conditions, which in turn depend on § 
temperature and characteristics of convective flow. 


As shown by Levich (14) and by Siver and Kabanov 
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(15); the diffusion rate across a laminar boundary 
laver to the surface of a rotating dise is proportional 
tu’ the square root of the number of revolutions per 
unit time and independent of the distance from the 


axis. According to King and associates (16), the 


€ diffusion rate across a turbulent boundary layer to 


the surface of a rotating rod is proportional to the 


BD first power of the number of revolutions per unit 
®time and the first power of the diameter of the rod. 


Estimates for other conditions are possible on the 
basis of heat transfer data because of the analogy 
between transfer of heat and matter (14). 

As a conservative assumption, we have to intro- 
duce the value J (max) instead of J, into the limiting 
condition (44). The actual current density varies 
from point to point when the local single potential 


ef metal 1 varies. The actual current density will be 


less, particularly at points far away from metal 2, 
where the most critical points are found. Cathodic 
protection will therefore be accomplished beyond 


® the limits caleulated under this conservative assump- 


tion. 

A practical lower limit, J min), given by the 
electrical equivalent of the corrosion rate of metal 1 
when not connected with metal 2. Since the actual 
current density is higher than Jain), especially at 
points close to metal 2, we do-not obtain the correct 
limiting condition for complete cathodic protection 
if we introduce J min) for J-. One may, however, 
calculate an upper limit of the characteristic length 
L in eq (44) for which cathodic protection may ve 
effective, and thus one may eventually narrow the 
range for conclusive experimental investigations. 

More general limiting conditions for cathodic 
protection can be obtained if the relation between 
potential and current density for the reduction of 
the oxidizing agent is given, and, moreover the 
potential-current density curve for anodic dissolution 
of metal 2 is known. Then, however, calculations 


Sbecome very intricate. Since the practical upper 
Blimit of J, can in general be estimated only rather 


roughly, more elaborate calculations seem futile as 
far as such calculations are to be used as a basis for 
design problems. This is the justification for the 
special boundary conditions stated in eq (5) and 
(6) as a basis for the foregoing calculations. 

The objective of this paper is mainly the ex- 
ploration of the limits of cathodie protection. We 
have therefore inquired especially into the peaks of 


Bile local single electrode potential of metal 1, since, 


according to eq (3), the single potential of metal 1 
must nowhere exceed the equilibrium single po- 
tential Eycq), or its practical equivalent. On the 
other hand, excessively negative (cathodic) values 
of the local single electrode potential of metal 1 are 
also to be avoided, since these may lead to additional 
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dissolution of metal 2 coupled with hydrogen de- 
velopment on metal !, especially if the overvoltage 
for development of hydrogen on metal 1 at a given 
current density is low. 

Great sacrifice of metal 2 is to be expected if free 
surfaces of magnesium or aluminum lie next to free 
surfaces of copper, iron, or bronze, e.g., under 
conditions shown in Fig. 2 and 5. The local single 
electrode potential of metal 1 near the border line 
in contact with the corroding solution will be close 
to the single electrode potential EK, of metal 2. 
Accordingly dissolution of metal 2 coupled with de- 
velopment of hydrogen on metal 1 may take place 
with considerable rate. Under such conditions, zinc 
as metal 2 to be sacrificed may be preferable because 
of lesser consumption of material in terms of chemical 
equivalents in a given time, although the potential 
difference Ej(.q) — Es in the general limiting con- 
dition (44) is lower than for aluminum and mag- 
nesium. 

In contrast, a boundary between metals | and 2 
in contact with the corroding solution may be 
missing as in the first three cases investigated above. 
Then the single electrode potential of metal 1 may 
everywhere be sufficiently positive so that dissolution 
of metal 2 coupled with hydrogen development 
becomes negligible. As a counterpart of eq (44), we 
may note the condition 


J Lf* > — (50) 


where EF is the single electrode potential of metal 
1 below which cathodic development of hydrogen 
is excessive from a practical point of view, /* is a 
dimensionless factor, similar to f in eq (44), and .J/, is 
the lowest value of the cathodic current density at 
metal 1 if its single potential equals F,. Since the 
potential differences in eq (44) and (50) do no, 
differ very much (e.g., 1.0 and 0.5 volt), conditions 
(44) and (50) cannot be satisfied if there are great 
variations of o and J, under conditions of practical 
use. Also in this case, zinc may be preferable. 
Detailed calculations of this kind are, however, 
beyond the scope of the present paper. 
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Resistance of Titanium to Sulfuric and Hydrochloric Acids 


Inhibited by Ferric and Cupric Ions’ 


JoserpH R. Cops AND Herpert H. 


Corrosion Laboratory, Department of Metallurgy, Massachusetts Institute of Technology, Cambridge, Massachusetts 


ABSTRACT 


Ferric and cupric ions are effective inhibitors for the corrosion of titanium in boiling 
10 per cent sulfuric and boiling 10 per cent hydrochloric acids. The corrosion rates 
range from 3 to 55 mdd (0.001 to 0.012 ipy) for inhibitor concentrations from 0.03 to 
0.005 M. Although the inhibitors are consumed as titanium corrodes, the consumption is 
moderate, particularly at the higher inhibitor concentrations corresponding to low 
corrosion rates. The primary mechanism, as indicated by potential measurements, is 
proposed as occurring through adsorption of Fe*** or Cu** on the metal surface with 
accompanying satisfaction of surface valences and formation of a dipole layer with 
negative charge outward accounting for a noble potential. 


INTRODUCTION 


Titanium has outstanding corrosion resistance to 
many media including, for example, nitric acid and 
sea water. It is not a durable material, however, 
when exposed to sulfuric or hydrochloric acids. At 
100°C it is reported that 3 per cent HCl corrodes 
titanium at a rate of about 1700 mdd (0.5 ipy) (1). 
Stainless steels of the 18 per cent Cr, 8 per cent Ni 
variety (18-8) are also attacked by these acids, but, 
in the case of sulfuric acid, the corrosion rate can 
be substantially reduced by small additions of ferric 
or cupric sulfates. 

The mechanism of inhibition by these additions 
is not well understood. In an exploration of possible 
mechanisms, it appeared probable that titanium 
should also respond to ferric or cupric ion inhibition. 
A preliminary experiment proved this to be true 
and, in addition, it was also found that small amounts 
of these salts were outstandingly effective in hydro- 
chloric acid, contrary to the situation for 18-8 where 
they accelerate attack. 

In boiling 10 per cent sulfuric acid, the addition of 
0.03 mole Fet+*+* per liter of solution reduced the 
corrosion rate to about 1/3000 its value in unin- 
hibited acid. In boiling 10 per cent hydrochloric 
acid, the corresponding rate was reduced 1/1400. 


EXPERIMENTAL PROCEDURE 


Cold-rolled titanium sheet was obtained through 
the courtesy of the Bureau of Mines. Specimens 
measuring 1 X % X gy in. (2.5 X 0.95 X 0.08 em) 
were pickled in a 10 per cent nitric, 0.25 per cent 
hydrofluoric acid mixture at about 80°C. They were 
then washed in water, then in acetone, and weighed. 


Manuscript received June 11, 1951. This paper prepared 
delivery before the Detroit Meeting, October 8 to 12, 
} 


The specimens were exposed singly for a maximum 
of six days to boiling acids contained in one-liter, 
wide-mouthed Erlenmeyer flasks fitted with thimble- 
type condensers. At the end of the test, specimens 
were washed, brushed under the tap, dried, and 
weighed. In all cases corrosion was uniform and 
without pitting. 

Specimens exposed to acids containing ferric ions 
were usually tinted a golden brown, whereas those 
exposed to acid solutions containing cupric ions were 
dark blue. These colors seemed to be fixed in a 
tightly adherent thin surface layer which was, at 
least partially, protective and which could not be 
removed by brushing. 

The minimum amount of inhibitor needed to pro- 
tect. specimens previously air exposed was con- 
sistently less than that needed for freshly pickled or 
“activated” specimens. For comparison, some speci- 
mens were pickled as described above for 40 seconds, 
and then transferred immediately without washing 
to the test acid. Weight loss in the pickling procedure 
was estimated using check specimens weighed after 
pickling but not subsequently tested. Weight loss 
data from these experiments were understandably 
not as reproducible as data for air-exposed speci- 
mens, where weight estimation was not required. 
Definite conclusions could be reached nevertheless 
because, in general, the specimens either corroded 
rapidly or the attack was inhibited. 


RESULTS 
Effect of Time of Exposure 
In boiling 10 per cent sulfuric acid, the corrosion 
rates fell off slightly with time, perhaps because 
protective surface compounds are formed. In boiling 


10 per cent hydrochloric acid inhibited with ferric 
ion, the rates appeared constant with time. With 
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all concentrations of cupric ion, however, the rates 
tended to increase. The latter effect was caused by 
gradual removal of copper by formation of insoluble 
oxides or basic chlorides brought about by the cor- 
rosion reaction. The solution was depleted of in- 
hibitor. When less than the critical minimum con- 
centration was reached, it was observed that the 
solution rapidly turned purple because of titanium 
corrosion products. The loss of copper was confirmed 
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1oooR 
0.10 
ra) 
= \ 
0.050 & 
\ 
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0 -005 020 025 .030 
INHIBITOR CONCENTRATION (MOLES/LITER) 
Fic. 1. Corrosion rates of titanium in boiling 10 per cent 
HCl as a function of Fe*** and Cu** concentration. Six-day 
tests. 
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0 -005 O15 020 .025 .030 
INHIBITOR CONCENTRATION (MOLES/LITER) 
Fic. 2. Corrosion rates of titanium in boiling 10 ver 
cent H.SO, as a function of Fe*** and Cu** concentration. 
Two-day tests. 


by analysis of the solutions for Cut+*. It was also 
indicated that the loss with time was more pro- 
nounced with the more dilute inhibitor solutions. 
This is consistent with the fact that the corrosion 
reaction accounts for the loss. 


Effect of Inhibitor Concentration 


For air-exposed specimens, Fig. 1 and 2 show that 
inhibition is obtained at 0.005 mole or more of 
cupric or ferric ion per liter of boiling 10 per cent 
acid. This is equivalent to only 2 grams Fe.(SO,); 
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or 1.3 grams CuSO,-5H,0O per liter of 10 per cent 


sulfuric acid. Several runs for odd periods of ex. 
posure (? to 4 days) indicated that often as little as 


0.003 mole inhibitor per liter was effective. 
The rates of attack with ferric ion inhibition lie 
within the range of 3 to 15 mdd (0.001 to 0.005 


ipy) in boiling sulfuric acid, and from 8 to 55 mdi Hi 
(0.0025 to 0.012 ipy) in boiling hydrochloric acid, 


the lower rates corresponding to the higher inhibitor § 
concentrations. Rates in sulfuric acid for 6-day ex. 


posures would be slightly lower than for 2-day ex.§J 


posures according to spot check experiments. In @ 
general, the rates are low and place titanium in§ 


class A materials with respect to the inhibited acids 


For activated specimens, it was necessary to us 3 


at least 0.03 mole ferric or cupric ion per liter t 
achieve inhibition in sulfuric acid and approximate); 


0.02 mole ferrie or cupric acid ion per liter in hydro-@ 
chloric acid. Corrosion rates of activated specimens § 


were extremely high in more dilute inhibitor solu-] 
tions, but ran parallel with rates for the air-exposed J 
specimens in solutions that were adequately in-| 


hibited. This suggests that, for continuous pro- 


tection, it is probably safer to use at least 0.02 to§ 


0.03 mole ferric or cupric ion per lite 


Data for 18-8 stainless steel in 10 per cent boiling Hi 


H.SO, containing 0.03 mole inhibitor per liter indi- 


cate that this alloy behaves much the same as y 


titanium (Fig. 2). In hydrochloric acid, on the other 


hand, the high corrosion rate for 18-8 would ruJ 


off seale. 


Potentials of Titanium in Inhibited Solutions 


Potentials? at room temperature for titanium and § 
18-8 in 10 per cent sulfuric acid or 10 per cent ii 
hydrochloric acid show a marked trend in the noble @ 
direction (0.2 to 0.4 volt) when ferric or cupric ion @ 
are added. This can be interpreted as implementation 
of a titanium or 18-8 oxide, supposedly protective, § 
by the oxidizing ions thereby producing a more @ 
noble potential. Alternatively, the oxide can be con-§ 
sidered of only secondary importance with primar; 4 
significance attached to adsorption of the inhibitor Wim 


ions on the metal surface. From tindamental con-§ 
siderations, the latter effect would be accompanied § 


by absorption of electrons from the surface atoms oi 


the metal by the inhibitor ions, thereby producing JM 
passivity in accord with the electron configuration J 
theory. The film of Fe*t** or Cut* effective for] 


inhibition, on this basis, would be a monolayer or 


less, and would consist of a dipole layer with negative J 


charge outward, accounting, at least in part, for the 
more noble potential. This mechanism is the same 
as that previously proposed by one of us (2) for 
passivity in stainless steels by an adsorbed mono- 


* Obtained by Arthur Geary of this laboratory. 


la 
; tr 
i 
| 
| 
| 


and § 


ent 


ons 


ion 


ive, | 


ore 


‘on- 


ar 
itor 


‘On- 


ied § 


s of 


‘ing 


jon 


for] 


or 


ive 


the 


me 


for ® 


Vol. 99, No. 1 


layer of negatively charged oxygen with surface 
valence forces satisfied and with attendant less at- 
traction of metal for its environment. 
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The Nature of Zine Corrosion Produets' 


P. T. 


British Non-Ferrous Metals Research Association, London, England 


ABSTRACT 


An investigation was made, using x-ray diffraction methods, of the nature of the cor- 
rosion products formed on zine when immersed in hot or cold water, and of the 
changes occurring when zine hydroxide and zine oxidé were kept hot or cold in air or 
under water. Complicated results were obtained, but it is clear that zine oxide may be 
a product of the corrosion of zinc in water, especially at elevated temperatures. The 
significance of the results is discussed in the light of previous work on the electro- 
chemical behavior of zine in hot or cold waters. 


INTRODUCTION 


Work by the author (1) on the corrosion of zinc 
in hot supply waters and dilute synthetic solutions 
has shown that in certain circumstances the potential 
of zine may become highly cathodic, while at the 
same time a highly localized and rapid pitting attack 
may occur. It was concluded that in hot waters 
large portions of the zine surface become covered 
with a cathodic film, and it was suggested that at 
about 60°C a transition occurred of films of zine 
hydroxide to films of zine oxide having appreciable 
electronic conductivity. This view was in accord 
with the theory of Grubitsch and Illi (2). Attempts 
were made, therefore, to obtain direct experimental 
evidence of a transition of zinc hydroxide to zine 
oxide. 

Feitknecht and his collaborators have, by x-ray 
methods, identified six distinct forms of zine hy- 
droxide which appear during corrosion of the metal. 
Feitknecht and Petermann (3) show that some of 
these forms are unstable when initially produced 
and change either to more stable forms, or to oxide. 
Zine oxide may be a product of the action of distilled 
water on zinc, even at room temperature. 

Hoxeng and Prutton (4) have studied the electro- 
chemical behavior of zine and steel and confirm a 
number of observations made during the author’s 
work, including the following: 

1. Reversals of polarity occur between zine and 
steel in certain solutions, particularly at high tem- 
peratures. 

2. Oxygen is necessary for such reversal, steel 
remaining cathodic to zine at all temperatures in its 
absence. 


' Manuscript received March 26, 1951. This paper pre- 
pared fer delivery before the Detroit Meeting, October 8 to 
12, 1951. The work described herein was made available to 
members of the B.N.F.M.R.A. in a confidential research 
report issued in October 1949. It forms part of a thesis 
submitted to the University of London in December 1949 
for the Ph.D. examination. 


3. The reversals are due to ennoblement of the 
zine, the steel potential remaining approximately 
constant at all temperatures and in the various 
solutions used. 


4. Ennoblement of zinc occurs more readily in - § 


the presence of bicarbonate and less readily, or not 
at all, in the presence of chloride or sulfate. 

Hoxeng and Prutton found that nitrate was par- 
ticularly effective in causing ennoblement of zinc. 
These authors do not favor the view that such en- 
noblement is due to transition of zinc hydroxide to 
zine oxide, but consider it more probably due to 
change in form of the zine hydroxide corrosion prod- 
uct. They assume that nitrate acts as an oxidizing 
agent permitting easier discharge of electrons at 
cathodic surfaces, and think it possible that the 
effect of bicarbonates is connected with the forma- 
tion of percarbonic acid. No explanation is given of 
reversal of polarity in hot CO,-free distilled water. 

The objections to the view that ennoblement is 
due to change of zinc hydroxide to zine oxide have 
some substance but the arguments advanced do not 
rule out the possibility. It is probable that the for- 
mation of zinc oxide is affected by changes in 
electrolyte composition as well as by changes in 
temperature. Since the electrochemical behavior of 
zinc is almost certainly governed by the nature and 
morphology of the corrosion products, a study of 
these products should be of assistance in elucidating 
the problems involved. Some observations on the 
physical form of the corrosion products occurring at 
different temperatures when zine corrodes in distilled 
water are given by Cox (5). 


EXPERIMENTAL WorK AND RESULTS 


The nature of the corrosion products formed on 
zine and the stability of certain zine compounds in 
various circumstances have been investigated using 
an x-ray diffraction technique’. 


2 For details of technique, see Appendix. 
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(‘orroston of zine in supply waters.—The corrosion 
product from galvanized specimens immersed at 
room temperature for a month in a hard supply 
water was found to b« amorphous when examined 
by x-ray diffraction’. 

Corrosion of zine in distilled water—(a) When 
zine filings were immersed in CO,-free distilled water 
at room temperature for 24 days the x-ray pattern 
of the corrosion product indicated the presence of 
zine oxide (about 50%) and showed other lines 
associated with zine hydroxide (see Table I). (b) 
When zine filings were immersed in CO.-free distilled 
water at 85°C for 22 days the only corrosion product 
giving an x-tay pattern was zine oxide. (c) When a 


TABLE I. X-ray diffraction results 


Details of experiment 


= 
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The resulting compound has been exposed in a 
number of conditions, and changes followed by 
taking x-ray diffraction patterns. Some experiments 
have also been performed with zinc oxide. Details 
and results are given in Table I. 

Details of the spacings of the diffraction patterns 
referred to in Table I are given in the Appendix. 

Comparison with data kindly supplied by Pro- 
fessor Feitknecht (8) shows that pattern A (Table 
I) is probably due to a-zine hydroxide. This com- 
pound is initially present in the product prepared as 
described, and occurs throughout except after com- 
plete decomposition to either zine oxide or the 
compound giving pattern E. None of the other 


Patterns present 


| | A | B ¢ | be Estra 

1 Zn (OH), prepared as described and dried in desiccator xX SS | | 
2 Zn (OH), dried with alcohol xX | | X 
3 As (1) but dried in air oven for 3 hr at 40°C, 14 hr at 65°C, or 1 hr ; a 3 | xX | | i. 

at 85°C | | | 
4 | As (1) but dried in an oven 1 hr at 90°C = | | 

As (1) but dried by exposure to laboratory air for 24 days. Also = ee Lae oe | p.¢ 

the same after 73 days - 
6 As (1) but dried by exposure to CO:-free air at room temperature | X xX | | 2 

for 23 days | 
7 As (1) but dried in CO,-free air at 85°C for 23 days xX xX X xX 
8  Zn(OH): immersed in CO,-free distilled water at 85°C for 17 days | xX X xX 
9 As (8) after 72 days. Also the same after 135 days xX 
10 Zine filings immersed:in CO,-free distilled water at 85°C for 22 | xX | 

days | 
Zine filings immersed in CO;-free distilled water at room temper- | X X XxX 

ature for 24 days 
12 Sheet of pure zinc immersed in distilled water at 85°C for 34days | X ».« 
13 Zine oxide immersed in CO:-free distilled water at room temper- | X 

_ ature for 24 days 

l4 Zine oxide immersed in CO:-free distilled water at 85°C for 28 X | 


piece of pure zinc sheet was immersed in distilled 
water at 85°C for 34 days the corrosion product 
gave a pattern indicating about 50 per cent zinc 
oxide and 50 per cent of what is believed to be a 


§ form of zine hydroxide stable in hot water (see 


Table I). 

Stability of zine hydroxide and zine oxide.—Zinc 
hydroxide was prepared as described by Mellor (7); 
zinc sulfate solution is added to caustic soda solu- 
tion in a COe-free atmosphere until a slight but 
permanent turbidity is formed. Zinc hydroxide is 


S then precipitated by scratching the sides of the 


Vessel with a glass rod. 


* By an electron diffraction method De Brouckére (6) 
fourd that the corrosion product formed on zine after 
corrosion in a soft supply water at room temperature for 
per ds up to 24 hours was a form of zine hydroxide. 


patterns listed in the Appendix appear to be due to 
compounds described by Feitknecht. 

The results shown in Table | indicate that: 

1. Zine oxide is stable in both hot and cold water 
(Expt. 13 and 14). 

2. Zine hydroxide prepared as described decom- 
poses in dry air at room temperature and at 85°C. 
Short periods at temperatures up to 85°C caused no 
change (Expt. 3) although complete decomposition 
to zine oxide occurred at 90°C (Expt. 4). Partial 
decomposition to zine oxide occurred during ex- 
posure to air for periods up to 73 days at room 
temperature, the zinc hydroxide remaining other- 
wise unchanged (Expt. 5 and 6). Exposure at 85°C 
for 23 days caused some change in the zine hydroxide 
as well as partial decomposition to zine oxide (Expt. 
7). 
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3. Zine hydroxide prepared as described is un- 
stable in distilled water at 85°C. The final product 
was a compound giving pattern E, and no zinc oxide 
was formed (Expt. 8 and 9). : 

4. Pattern D may be connected with the presence 
of CO: since it occurred in products which had been 
exposed to laboratory air but not in those kept from 
contact with 

5. Although zine oxide was not formed by immer- 
sion of zine hydroxide in hot water, it formed on zine 
corroding in distilled water at 85°C (Expt. 10 and 
12). 

The chemistry of the corrosion products formed 
on zine is obviously very complex but the results 
show that in cold water zinc hydroxide is usually 
produced, sometimes accompanied by oxide. The 
product of corrosion at 85°C is usually zine oxide, 
sometimes accompanied by some form of hydroxide. 

The above results provide an explanation of the 
occurrence of zine oxide in the products of corrosion 
of zine by condensed water in moist atmospheres 
(“white rust”’) as shown by Gilbert and Hadden (9). 


DISCUSSION 


The author found (1) that the overall rate of cor- 
rosion of zinc in a hard supply water in tests of 
several months duration was very similar whether 
the water was hot or cold‘ and concluded that the 
highly cathodic potentials of zine surfaces in hot 
waters must De associated with anodic polarization 
accompanied by cathodic depolarization. If anodic 
polarization alone occurred the corrosion rate in the 
hot water would be greatly reduced and a condition 
of passivity approached. The reason for anodic 
polarization was apparent since, in hot water, cal- 
cium carbonate was deposited over much of the 
surface and attack was confined to small and isolated 
pits compared with a more widespread attack in 
cold water; the anodic current density must there- 
fore have been much higher in the hot water. An 
explanation of the accompanying cathodic depolari- 
zation is still required, however. 

In distilled water it has been shown by Cox (5) 
and others that the rate of corrosion of zine is much 
greater at 60°-90°C than at room temperature. This 
is probably not due principally to anodic depolari- 
zation (e.g., nonadherent corrosion products) since 
the potential of zine appears to become more, rather 
than less, noble at elevated temperatures—it can 
hecome more cathodic than steel (1). Thus cathodic 
depolarization seems to be an essential feature of the 
corrosion in hot water. 

As mentioned, the author (1) suggested a tran- 


‘ On further prolonged exposure the deposition of calcium 
carbonate scales from a hot hard water may stifle corrosion 
almost completely. 
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sition at about 60°C of films of zine hydroxide to 
films of zine oxide having some electronic conduc- 
tivity. Objections to this explanation by Hoxeng and 
Prutton (4) have been referred to above. A further 
objection, to the view that the change from zine 
hydroxide to zine oxide is reversible as the tempera- 
ture rises and falls, is that such a crystallographic 
change would be expected to be slow. Table I shows 
that changes of zinc hydroxide are in some circum- 
stances very slow. The alternative views put forward 
by Hoxeng and Prutton involving changes in the 
form of zine hydroxide films appear no more con- 
vincing. A better explanation is possibly one based 
on the suggestion of U. R. Evans (10) that all forms 
of zine hydroxide and basic zine salts can be regarded 
for practical purposes as nonconductors in both cold 
and hot solutions, and that the potential changes 
observed may be connected with the increase of 
electronic conductivity of zine oxide with tempera- 
ture. 

The supply of electrons necessary for the cathodic 
reaction is unhindered at a bare metal surface, while 
at a surface completely covered by a film of insu- 
lating material, such as zine hydroxide or basic 
zine carbonate, the cathodic reaction cannot proceed 
at all because electrons cannot pass through the 
film. The cathodic reaction could proceed, however, 
at a surface covered with a semiconductor such as 
zine oxide. The rate of passage of electrons through 
the film would probably become a controlling factor 
and the rate of the cathodic reaction, and hence the 
electrode potential, would depend on the electronic 
conductivity of the film. 

The existence of such a semiconducting film would 
lead to cathodic depolarization in hot water since 
the cathodic reaction could proceed at the filmed 
surface as well as at pores in the films, cathodic 
points within the bare anodic areas, etc. 

It has been shown above that zine oxide is a 
normal product of the corrosion of zine in hot water. 
It will be assumed that on immersion in hot distilled 
water or a hot dilute solution which does not cause 
general film breakdown (i.e., one in which the film- 


repairing ions such as bicarbonate are more effective | 


than the film-rupturing ions such as chloride), the 


cathodic areas on a zine surface rapidly become | 


covered with a film consisting essentially of zinc 
oxide. This is likely to remain as oxide even if the 
temperature is subsequently lowered. 

Zine oxide behaves as a semiconductor when on 
heating it loses oxygen, leaving a slight excess of 
zine atoms which become ionized and diffuse into 


the interstices of the lattice (11). The conductivity § 


of a zine oxide film will depend upon a number of 


factors, including (a) the thickness and uniformity ] 


of the film, (6) the temperature, (c) the previous & 
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history of the film, and (d) the concentration of 
oxygen in the environment. 

The conductivity of a given sample of zine oxide 
at a fixed oxygen pressure varies with temperature 
according to the equation 


= Ac 
A and B being constants. 

From data given by Seitz (12) it has been calcu- 
lated that the conductivity of a particuler specimen 
of zine oxide after strong heating was about 0.30 
ohms~'/em at 20°C and 0.37 ohms~'/em at 60°C. 
It would be unlikely that zine oxide corrosion films 
would have sufficient excess of zinc atoms to give 
conductivities of this order; the resistance of thin 
films of such material would be negligible, and there 
would be virtually no hindrance to the passage of 
electrons either at 20° or 60°C. 

When the sample of zinc oxide referred to above 
was heated at 900°C for 30 hours in an atmosphere 
of oxygen at 120 atmospheres, the conductivity was 
enormously reduced, due no doubt to reaction of 
oxygen with many of the excess zine atoms originally 
present. After this treatment, it has been calculated 
from the data given (12) that the conductivity of the 
sample was 0.78-10~* ohms~'/em at 20°C and 4.7- 
10-® ohms~'/em at 60°C. It is conceivable that the 
conductivity of zine oxide corrosion films may be of 
this order. A sixfold increase in the conductivity of 
a rather poorly conducting film could cause a con- 
siderable change in the cathodic polarization curve 
and might explain the observed temperature effects. 

The chief point in doubt would appear to be 
whether zine oxide corrosion films produced at tem- 
peratures no higher than, say, 80°C could have even 
the comparatively small electronic conductivity en- 
visaged in the tentative theory outlined. It must be 
borne in mind that the properties of thin corrosion 
films may well be very different from those of the 
bulk material and that they might contain a slight 
excess of zinc atoms even when formed at relatively 
low temperatures, particularly when the access of 
oxygen in not unlimited. 

The change of conductivity with temperature of 
such films could explain the following experimental 
observations: (a) the steady change in potential with 
no sharp breaks with increase in temperature, (b) 
the rapidity with which changes of potential can 
occur, and (c) the reversibility of the potential 
change. Once zine oxide has been produced by the 
lirs= heating, the potential would fluctuate on heat- 
ing and cooling as it followed the conductivity 
changes, 

The behavior of semiconductors is known to be 
erratic (12), and the irregular behavior of the po- 
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tential changes of corroding zinc may be a reflection 
of this. For instance, zinc specimens heated in dis- 
tilled water did not always become cathodic to steel 
(1). 

Moreover, the electronic conductivity of zinc oxide 
is dependent on the past history of the sample and, 
after long heating, becomes greater at room tem- 
perature. This suggests that after immersing speci- 
mens in hot solutions for long periods zine oxide 
films might retain increased electronic conductivity 
at room temperature, in which case such specimens 
would remain at noble potentials in cold solutions. 
This has been observed experimentally (1). 

Variations in the composition of the solution could, 
on the theory outlined, affect the potential in three 
ways: (a) by affecting the electronic conductivity of 
zine oxide, (b) by preventing or promoting the for- 
mation of zine os: le, and (c) by affecting the sta- 
bility of the corrosion film and its protective or 
nonprotective character. Of these, (b) and (c), par- 
ticularly (c), are probably the most important. The 
effects of film-rupturing ions such as chloride, and 
film-repairing ions such as bicarbonate, have been 
referred to by Hoxeng and Prutton (4) and by the 
author (1) and have been considered in some detail 
by Hoar (13). 

A particular case requiring further explanation is 
the effect of nitrate. When enough of this ion is 
present, zinc has been shown (4) to display noble 
potentials at temperatures not exceeding 30°C. This 
ma‘ vossibly be due to cathodic depolarization if 
the | ate is a more efficient depolarizer than dis- 
solved en. If this is true, the corrosion rate 
should inc.ease in the presence of nitrate. Alter- 
natively, the nitrate could have a passivating effect, 
the more noble potentials being due to anodic polari- 
zation. In this case the corrosion rate would be 
decreased in the presence of nitrate. At the moment, 
it is impossible to decide between these two mecha- 
nisms because of the lack of data. 


CONCLUSIONS 

Zine oxide is usually formed when zine corrodes 
in hot waters, zinc hydroxide or basic zine salts 
being more usual products in cold waters. 

It is suggested that the ennoblement of zine in 
hot, aerated solutions may be due to the presence of 
zine oxide films having a small electronic conduc- 
tivity, the potential changes observed being due to: 
(a) changes of the electronic conductivity of the 
zine oxide films, particularly with temperature, 
and/or (b) changes in the composition and/or 
physical form of the films present, particularly with 
change in the constitution of the corroding environ- 
ment. 
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APPENDIX 


X-ray diffraction patterns were obtained using 
the powder technique. All the films were taken on a 
19 cm camera using iron-filtered cobalt radiation 
(50 kv, 20 ma emission). Exposures of between 14 and 
3 hours were used. 

In most cases very complicated patterns were ob- 
tained, and the only lines which could be identified 
with certainty were those due to zinc oxide. Study 
of all the patterns obtained, however, suggested that 
a number of other compounds occurred, and the 
results in Table I give the best interpretation which 
could be devised. The interplanar spacings of the 
various “compounds” listed in Table I are given 
below, but it will be realized that the results are 
capable of other interpretations and the various 
sets of lines may not in every case be in fact due to 
single compounds. 

The intensities of the lines in the diffraction pat- 
terns are described as foilows: 

vs = very strong 
s = strong 
ms = medium strong 


Qo 


i 


mw = medium weak 
w = weak 
vw = very weak 
vvw = very very weak 


1. Pattern A 


Spacing, KX* | Intensity 
4.17 w 
2.73 | m 
2.41 | vw 
2.00 vw 
1.625 | w 


1.575 mw 
*1 KX X 1.00203 = 1 Angst rom unit 


This pattern is considered to be due to a-zine hy- 
droxide. Feitknecht (8) gives the following spacings 
for this compound: 2.70 (s), 1.56 (m), 1.36 (vw). 

In the experiments described the crystal size of 
this substance was less than 10~® cm, giving a very 
diffuse pattern. 


2. Pattern B 
Spacing, KX Intensity 
7.36 8 
3.62 m 
3.27 ms 
2.56 8 
1.755 mw 
1.539 mw 
1.363 Ww 
1.340 mw 
1.030 Ww 
1.019 w 
0.908 mw 
0.901 w 


3. Pattern C 


Spacing, KX Intensity 
8.86 ms 
5.92 Ww 
3.55 w 
3.40 mw 
3.18 mw 
2.53 vw 
2.16 mw 
1.743 vw 
1.720 vw 
1.551 w 
1.500 


4. Pattern D 


Spacing, KX Intensity 
| 
5.49 w 


3.64 w 
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Only two lines could be measured with certainty. 6. Pattern F 
d. Pattern Spacing, KX Intensity | Spacing, KX Intensity 
¥ Spacing, KX Intensity Spacing, KX Intensity 5.62 vw 1.796 VVW 
6.60 me 3.76 vw 1.522 | vw | 
4 5.35 3.04 vw 1.484 | w | 
od 2.70 vw 1.364 | 
3.10 vs 1.454 Ww 1.854 | 
2.93 ms 1.444 | m 
\ "2.68 vw 1.404 | vw 
q 2.56 8 1.381 mw 
2.45 m 1.367 vw 
4 2.40 8 1.358 vw 
2.304 vw 1.304 mw 
2.276 | vw 1.279 | 
4 2.251 vw 1.274 vw 
2.228 W 1.199 vw 
2.200 mw 1.188 vw 
2.179 mw 1.167 vw 
2.096 W 1.157 vw 
“y 2.019 mw 1.136 vw \| 
1.972 vw | 1.127 Ww | 
q 1.850 W 1.115 Ww 
1.807 m 1.097 w | 
1.784 m | 1.068 w 
3 1.705 vw 1.038 w 
1.688 vw 0). 987 vw 
a 1.667 mw 0.980 vw 
1.655 vw 0.968 vw 
1.638 vw | 0.960 vw 
1.620 w 0.949 vw 
1.592 Ww 0.906 vw 
a 
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Metal-Solution Potentials of Nickel in Foreign [on Solutions 
and the Mechanism of Nickel Corrosion’ 


D. J. H. Rosenspaum’:*, anp R. W. Swenson?®: ® 


Department of Chemistry, Clark University, Worcester, Massachusetts 
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ABSTRACT 


Phase boundary potentials of nickel in various aqueous solutions, practically free 
from nickel ions, have been measured. The nickel-solution potentials in air drift and 
reach high positive (noble) potentials. The potentials of nickel vs. solution in an inert 
gas reach stationary values after several hours, depending upon the pH. The final po- 
tentials remain negative with respect to the standard hydrogen electrode. The dif- 
ferences of the corresponding, potentials in the same solution, in presence of air and in 
absence of air, range up to half a volt or more. The role played by oxygen in influencing 
the potentials has an interesting bearing on the initial stages of the corrosion of nickel. 


INTRODUCTION 


A foreign ion system, i.e., a metal in a solution 
essentially free of its ions, would not be stable unless 
the metal and the solution do not interact (1), the 
interiors of the nhases remaining unchanged. Since 
nickel shows marked corrosion resistance in alkaline 
solutions (2), investigation of foreign ion half cells 
of nickel appeared promising. 

Special attention was given to possible interference 
by oxygen. It was anticipated that oxygen might be 
chemisorbed on the nickel surface and that this 
might be followed by formation of nickel hydroxide 
or of hydrous nickel oxides. These reactions might 
lead to the establishment of a nickel hydroxide 
electrode, an oxygen electrode, or a nickel oxide 
electrode (3). 

Great care must be taken in selecting a proper 
method for measuring the metal-solution potentials 
of foreign ion half cells. When the Poggendorff com- 
pensation method is used in the customary way 
with a galvanometer as a null point indicator, a 
measurable current would flow as long as complete 
balance is not obtained. If the pure nickel electrode, 
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in a cell with an inert gas atmosphere were anodic, 
either nickel might dissolve or oxygen and oxides 
might be formed as anode products (4). None of 
these products was present in the original metal- 
solution system which was free from nickel ions, 
oxides, and oxygen when prepared. In short, any 
appreciable electric current passing through the 
nickel half cell would cause irreversible changes in 
the type of cell under study. 

For these reasons, a vacuum tube electrometer 
utilizing capacitive input coupling was selected as 
the null point indicator (1, 5). A condenser effectively 
blocks continuous currents, which might cause ir- 
reversible changes in the nature of the foreign ion 
systems. A Coleman model 3A electrometer gave 
good service. Later an indicating Philips electrometer 
was also used. 

In order to arrive at an interpretation of the po- 
tentials of nickel in foreign ion solutions, it was 
decided to investigate them in the presence and in 
the complete absence of air. In the latter case it was 
found that stationary potentials could be obtained 
after a few hours in acid solutions and after 10 to 
25 hours in alkaline solutions. In the presence of 
air, potentials continued to show a noticeable drift 
after more than 100 hours and usually hecame more 
positive by several decivolts. 


EXPERIMENTAL 
Alkaline Solutions in an Inert Gas Atmosphere 


For measurement of the nickel-solution potentials 
in absence of air, the following procedure was <e- 
veloped and necessary apparatus was constructed 
for elimination and exclusion of oxygen (1, 6). Nickel 
wire samples were abraded, degreased, and dried. 


The samples were mounted on electrode holders ina 


closed apparatus and heated by induction to a high 
temperature in a hydrogen atmosphere to reduce 


‘ - 
uN 
. 
3 
“4 
fe 
fas? 
+ 
* 
t 
= 
= 
ol 22 f 
4 
| 
| 
3 
t 


ides 
e of 
ons, 
any 
the 
in 
eter 
d as 
ively 
e ir- 
ion 
gave 
neter 


po- 

was 
vd in 
Was 
rined 
10 to 


ce of 


drift 
more 


re 


ntials 
is de- 
uicted 


Viekel 
dried. . 


‘sin a 


high | 


uce 


Vol. 99, No. 1 


oxides, then reheated in a high vacuum to -iiminate 
hydrogen and other gases. As a result, che nickel 
samples were thoroughly annealed. Oxygen was 
eliminated from the electrolyte and only at this 
point the solution was brought in contact with the 
metal. 

Nickel potentials were studied in hydroxide solu- 
tions, phosphate solutions, and carbonate buffers. 
The gas atmosphere was either purified nitrogen or 
argon. Cells were mounted inside a constant tempera- 
ture air bath at 30°C. The reference cell was a 1N 


8 


0.00!143M KOH 
* ©.00769M KOH 
0.0288 M KOH 
0.103M KOH 
0.980M KOH 


MILLIVOLTS 


re} 
re) 


.e) 10 20 30 40 50 
HOURS 


Fic. 1. Potential-time curves for nickel in KOH solutions 


000 


°0.100M PHOSPHATE BUFFERS 
-100F- 4 KOH SOLUTIONS 
© KpCO3-KHCO3 SOLUTIONS 
-200F 
5-400 
= 
-500 
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pH 
Fic, 2. Stationary metal-foreign ion solution potentials 


of niekel. (Reprinted by permission from the Journal of 
Chemical Physics) 
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calomel electrode. All measurements are referred to 
the standard hydrogen electrode. 

The curves obtained with KOH solutions are 
shown in Fig. 1. Steady potentials were reached in 
the more concentrated solutions after a few hours, 
and in the more dilute solutions after 15 to 25 hours. 
The stationary potentials depend on the concen- 
tration of KOH, becoming more negative with in- 
creasing KOH concentration. This dependence of 
nickel potential on concentration of KOH may be 
explained by preferential adsorption of anions in the 
boundary layer (1). 

Steady potentials for the three sets of solutions 
are presented in Fig. 2; data for the three carbonate 
solutions are given in Table I. With the series of 
phosphate solutions, total phosphate concentration 
was kept constant at 0.100.7. By varying the rela- 
tive amounts of primary, secondary, and tertiary 
phosphate salts it was possible to cover a wide pH 
range. In slightly alkaline solutions it was observed 
that reproducibility was rather poor, but it was 
better in more alkaline solutions. After completing 
the potential measurements, all solutions were tested 
for presence of nickel ions (7). Results were negative. 


Acid Phosphate Solutions in an Inert Gas Atmosphere 


Since the behavior of nickel as reported in the 
literature (3, 8) appears to indicate that the metal 
possesses no measurable solution pressure, the meas- 
urements were extended to acid phosphate solutions. 
It. was found that in a nitrogen atmosp)re steady 
potentials could be obtained rapidly and that repro- 
ducibility was very good. After stationary potentials 
had been reached, the acid solutions were tested for 
presence of nickel ions with negative results. These 
observations support the view that nickel shows 
little tendency to send nickel ions into solution and 
to displace hydrogen. 

At the end of this series of measurements, the cell 
with 0.1M phosphoric acid was opened to the atmos- 
phere. Potentials at once became erratic and it was 


TABLE I. Nickel potentials in carbonate solutions 


Composition pu 


Temp °C 
1.29M K,CO, 11.9 30.0 | 
0.959M K.CO, 25.0 | 
0.101M K.CO, 11.4 30.0 
0.0959M K.CO, 25.0 
0.0096 M K.CO, 25.0 
0.00096M K.CO, 25.0 
0.92M KHCO,+\ 8.95 30.0 
+0.09M K,CO, { 


Potentials in air after 


| Potentials in Ne volts 


| 3 hr 


96 hr 


‘Mh 48 br 
—0.313 | 
(+0.05) | +0.165 | +0.184 | +0.198 
~0.290 | 
(+0.05) +0.188 | +0.206 | +0.216 
(+0.06) +0.197 +0.220 +0.241 
(+0.07) +0.214 +0.248 | +0.274 
—0.308) —0.084)\ 
—0.300) —0.031{ 
| 
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found after two days that nickel ions had gone into 
solution. 


Alkaline Solutions in the Presence of Air 
Behavior of metal-solution potentials of nickel in 
the presence of air was observed in closed cells in 
order to limit to a minimvm the amount of CO, 
that could be absorbed from air by the alkaline 
solutions. The electrodes were nickel wires, which 
were abraded with fine emery cloth, washed with 
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Fic. 3. Potential-time curves for nickel in NaOH solu- 
tions in air. 
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Fic. 4. Potential-time curves for nickel in K.CO; solu- 
tions in air. 


distilled water, and degreased with redistilled methy! 
alcohol. 

Runs with hydroxide solutions are represented in 
Fig. 3 and those with carbonate solutions in Fig. 4. 
The cells were placed in an oil thermostat at 25.0°C. 
Four or five electrodes were mounted in each cell. 
The reference electrode was a saturated calomel 
half cell. All potentials shown in the figures are 
referred to the standard hydrogen electrode. 

All potential-time curves rise sharply during the 
first few hours, but appear to level off after 5-10 
hours in the hydroxide solutions, and after 20-30 
hours:in the carbonate solutions. However, the po- 
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tentials continue to drift slowly in all cases for more 
than 100 hours. This may be seen also from the 
data in Table I, where potentials in carbonate solu- 
tions are listed. In order to determine whether the 
potential-time curves were approaching definite sta- 
tionary potentials after 100 hours, potentials were 
plotted againsé the logarithm of immersion time in 
Fig. 5 and 6. The potentials in carbonate solutions 
seem to approach steady states, whereas no close 
approach to stationary potentials is apparent for 


MILLIVOLTS 
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Fic. 5. Potential-log time curves for nickel in NaOH 
solutions in air. 
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Fic. 6. Potential-log time curves for nickel in K.CO 
solutions in air. 


potentials in hydroxide solutions. Time dependence 
of the potential for the most dilute hydroxide solu- 
tion deviates very little from a linear logarithmic 
dependence; thus, the measured potentials must still 
be distant from a final, steady potential. The po- 
tentials after 20 and 50 hours seem to be out of 
place with respect to potentials for the more concen- 
trated hydroxide solutions, and a true stationary 
potential might be more positive than those found 


for the more concentrated solutions. This wouid be + 


expected in case of preferential adsorption of anions 
in the double layer. 
For comparison with the air-free phosphate cells, 
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measurements in phosphate solutions were made at 
30.0°C. Cells used were of the same type as those 
used for the hydroxide and carbonate solutions in 
air. Three lengths of nickel wire were mounted in 
each cell. The reference cell was a 1N calomel elec- 
trode. Results are shown in Fig. 7 and 8. 

Potential measurements were started immediately 
after immersion. Again the initial values were nega- 
tive, but rapidly became positive and rose at a 


300+ 
250} 
3200+ 
> 
0.9102 M 
= 150} 
0.102 M 
100 
50 
L i L 1 L 
20 40 #80 100 120 140 
HOURS 


Fig. 7. Potential-time curves of nickel in equimolar 
K.HPO.-K;PO, solutions in air. 
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Fic. 8. Potential-time curves of nickel in phosphate 
buffer solutions in air. 


decreasing rate in time. Fig. 7 shows the potential- 
time curves for several dilutions of a buffer, 0.05M 
in and 0.05M in K;PO,. The potentials 
became less positive with increased concentrations 
of the equimolar solutions, which again indicates 
that adsorption of anions is important in establishing 
phase boundary potentials. Results for four other 
phosphate buffers are shown in Fig. 8. Total phos- 
phate concentration was 0.1M for two cells and 
OM for the others. This series of runs in the 
| ence of air may be compared directly with the 
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0.1M phosphate solutions measured in an inert gas 
atmosphere (Fig. 2). 

Although individual electrodes in the same solu- 
tion in the presence of air generally gave good to fair 
reproducibility, no exact reproduction of a potential- 
time curve could be obtained when a new cell was 
made up with the same solution. This suggests that 
time phenomena occurring at the nickel surface are 
complex. It is well known that the time dependence 
of events may be influenced by factors which cancel 
out when steady conditions have been reached. 

The type of reproducibility that is obtainable may 
be seen in Fig. 9. Curves C and E for the two 0.1M 
cells might eventually converge toward about the 
same potentials, the two compositions being nearly 
the same; on the whole the two curves run fairly 
far apart. Furthermore, the potential-time curves 
in the presence of air often show slight irregularities 
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Fic. 9. Potential-time curves of nickel in phosphate 
buffer solutions in air. 


at various times, much more than the potential- 
time curves in an inert atmosphere. 

Shown in the same figure are three curves for 
0.01M 1:1 phosphat» buffers. Curve B represents 
averages for three ciectrodes in the same solution. 
Curve A shows ave 


«acs for two electrodes in another 
similar cell, whic i) 


is the potential curve of the 
third electrode. This last case was exceptional since 
one electrode deviated considerably from the others 
over the whole length of time. Occasional large 
deviations are observed, but these usually are tempo- 
rary. 
Discussion oF RESULTS 

Results obtained may be summarized as follows. 
In the complete absence of air, nickel potentials in 
KOH solutions and in phos; hate buffers soon attain 
steady negative values. Iu the presence of air, po- 
tentials in alkaline soiuiions become positive and 
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continue to drift over long periods. In the case of 
the carbonate solutions, a plot of potentials in air 
against the logarithm of time of immersion appears 
to indicate that stationary potentials were being 
approached, although no final values were reached 
within 100 hours. With the other solutions in air it 
appears that stationary potentials are not reached 
in more than 100 hours. 

It is interesting to compare the behavior pattern 
of the potentials of nickel with its corrosion behavior 
in the same solution. The corrosion of nickel in 
alkaline solutions at room temperature is negligible. 
The very small rates measured may well be due to 
various secéndary effects. Presence or absence of 
oxygen makes little or no difference in this respect; 
air has no marked influence on the corrosion re- 
sistance of nickel in alkaline media. Our qualitative 
tests are in agreement with these findings. In alkaline 
solutions, with or without oxygen, nickel samples 
showed no visible tarnishing or other effects and 
solutions remained free from dissolved nickel in both 
cases. The sensitivity of the dimethylglyoxime test 
in slightly ammoniacal solution came close to that 
mentioned by Feigl (7). It is felt that traces of 
nickel in solution not detectable by this test could 
hardly be consequential in determining the metal- 
solution potentials in view of Haber’s (9) analysis. 

One is led to inquire why the nickel-solution po- 
tentials drift considerably in the presence of air, 
becoming much more positive, but reach steady 
values in several hours when oxygen is excluded. The 
only difference in the two cases is the nature of the 
dissolved gas. It may be assumed that neutral mole- 
cules of nitrogen, oxygen, and argon are not re- 
sponsible for a measurable difference in the electrical 
properties of the solutions. Furthermore, oxygen 
could not well act chemically in solutions which did 
not contain components subject to oxidation. Thus, 
the only place where oxygen could seriously affect 
the metal-solution potentials is in the interphase. 
Apparently, oxygen causes a slow process to. take 
place. This, however, does not lead to the dissolution 
of nickel. 

It is reasonable to suppose that oxygen can be 
chemisorbed on the nickel surface. This process in- 
volving the formation of covalent bonds is slow at 
room temperature. It could have an effect on 
boundary potentials of the order of magnitude ob- 
served, since formation of surface oxides is known to 
have a large effect on the electron work function of 
metals (10) and consequently on the Volta potential 
difference or contact potential difference between 
two metals. The magnitude of the latter effect is 
frequently of the order of one volt. Shifts of the 
metal-solution potentials of nickel due to oxygen are 
of the order of magnitude of one-half volt. 
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Assuming that drifting potentials accompany the 
gradual formation of surface oxides on nickel, the 
following conclusions regarding the corrosion resist- 
ance of nickel in alkaline media and the mechanism 
of corrosion in acid media may be drawn. In the 
absence of oxygen, nickel is inert in hydroxide, 
carbonate, and basic and acid phosphate solutions; 
there is no tendency of nickel ions to dissolve to any 
measurable extent and there is no evidence of hy- 
drogen ions being displaced by nickel from phos- 
phorie acid solutions. In the presence of oxygen, 
changes probably involving the chemisorption of 
oxygen take place at the metal-solution boundary. 
The one component in solution which apparently 
does interact with surface oxides and which by this 
interaction can bring nickel ions into solution is the 
hydrogen ion. 

It may be remarked that if these considerations 
can be corroborated the importance of surface oxides 
does not lie in the formation of a protective film on 
nickel, but constitutes the first step toward the 
corrosion of nickel. All this is in accordance with 
known facts that acid corrosion of nickel is greatly 
accelerated by vigorous aeration (11). Our results 
appear to indicate that oxygen does not merely 
speed up the corrosion, but is definitely required for 
the progress of corrosion in phosphoric acid solutions 
at room temperature. 

These findings and the proposed interpretation 
may be compared with available thermodynamic 
data (12). For the reaction Ni + 2H.O — Ni(OH), + §@& 
H, (1 atm), AF = +7,800 cal. Thus, the pressure of fj 
hydrogen that might be expected to develop by this 
reaction is extremely small (1), even if it were not 
retarded by any activation energy. In the presence 
of oxygen, nickel might react also to form nickei 
oxide which would combine with water. For Ni + 
H,0 + $0, (0.21 atm) — Ni(OH)2, AF = —48,500 § 
cal. This second possible mechanism, which should 
be spontaneous, does not seem to proceed with a 
measurable velocity. 

The direct displacement of hydrogen from acid 
solutions Ni + 2H*+ — Ni**+ + He, AF = —11,533 
cal, also should be spontaneous, but again the 
velocity seems to be vanishingly small, unless oxygen 
is present. Theretore, in view of the behavior of 
nickel potentials and of the other experimental evi- 
dence, the mechanism which actually appears to 
take place with a measurable speed is the interaction 
of H* ions with nickel oxides formed at the surface. 
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The Limiting Equivalent Conductances of Hydrogen Chloride 


and Ammonium Chloride in Dimethylformamide' 


L. R. Dawson, M. Goupen, G. R. Leaper, anp H. K. ZimmMerMAN, JR. 


Department of Chemistry, University of Kentucky, Lexington, Kentucky 


ABSTRACT 


Conductance data are reported for hydrogen chloride and ammonium chloride in 
dimethylformamide, the limiting value for the acid being 70, and that for the salt 90.6. 
The observed limiting slopes of the Kohlrausch plots for these solutions show large 
deviations from those calculated theoretically by means of the Onsager equation. 


INTRODUCTION 


Because of the good solvent power of dimethyl- 
formamide for inorganic salts and its relatively high 
dielectric constant, it was thought to be worth while 
to investigate the limiting equivalent conductances 
of some representative electrolytes in this solvent. 
At present, measurements have been made on hy- 
drogen chloride and ammonium chloride, results of 
which are reported here. 


EXPERIMENTAL 
Materials 


Dimethylformamide was purified by distillation 
under reduced pressure, giving a product having a 
specific conductance of 1.83-10~-° and a refractive 
index of 1.4294 at 25°C. C. P. ammonium chloride 
dried at 110°C was used. Hydrogen chloride gas was 
prepared by dropping concentrated hydrochloric acid 
into concentrated sulfuric acid, and drying the 
evolved gas by passing it through a wash bottle 
containing concentrated sulfurie acid. Solutions of 
both hydrogen chloride and ammonium chloride of 
about 0.02N were prepared and transferred to a 
microburet without contact with air. The concen- 
tration of the ammonium chloride solution was 
known from the weight of salt used; that of the 
hydrogen chloride solution was determined potentio- 
metrically by titration with standard silver nitrate 
using a silver electrode with the Fisher Titrimeter. 


Procedure 


Conductance measurements were made with a 
_ Leeds & Northrup, Jones-Dike type, conductivity 
bridge, using a Washburn type cell having a constant 
of 0.01627. The constant was determined by the 
method of Jones and Bradshaw (1). The cell was 

' Manuscript received March 26, 1951. This paper, pre- 
pared for delivery before the Philadelphia Meeting, May 4 
to 8, 1952, is based on research performed under Contract 
No. W36-039-se-32265 for the U. 8. Army Signal Corps, 
Fort Monmouth, New Jersey. 


filled initially with a known volume of the pure 
solvent whose conductance was determined and sub- 
tracted from the subsequent readings on the solu- 
tions studied. A mixing tube was attached to the cell 
into which the cell contents could be forced by 
nitrogen pressure and to which known volumes of the 
concentrated solution of hydrogen chloride or am- 
monium chloride could be added drop by drop, 
thereby permitting the preparation of solutions of 
steadily increasing concentration for measurement 
in the cell. By transferring each solution back and 
forth between the cell and mixing tube a number of 
times, satisfactory mixing of the added solution with 


TABLE I. Equivalent conductances of HCl and NH,C1 in 
dimethylformamide at 20°C 


HCl NH.Cl 


Concentration Equivalent Concentration 


Equivalent 
(N-105) conductance (N-105) 


conductance 


59.7 3.06 
4.5 7.85 
51.3 15.64 
43.1 29.05 
36.8 81.53 
30.5 145.2 
26.6 201.5 


19.7 277.0 


oO 


BS 


ap 
bo Zz 


bo 


the contents of the cell was accomplished, The tem- 
perature of the cell was held constant at 20° + 
0.01°C by means of a thermostatically controlled 
kerosene bath in a gallon Dewar flask. After each 
change in the concentration of the solution, the cell 
was allowed to regain temperature equilibrium before 
a reading was taken. 


RESULTS AND DiIscUSSION 


The equivalent conductances listed in Table | 
were calculated from experimental values corrected 
by subtracting the solvent conductance from that o! 
the solution on the assumption that the relations!ip 
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® \- additive. The solvent correction ranged from 2 per may be in error by 3 per cent or more, due to un- 
€ Be cent in the more concentrated region to approxi- certainty in extrapolation, it is evident that it is 
mately 20 per cent in the most dilute solutions lower than the limiting equivalent conductance in 
studied. ethanol (2) at 25°C (83.0) even though dimethyl- 


formamide has a larger dielectric constant than 
ethanc., and is also less viscous. The Kohlraurch plot 
100+ 4 for ammonium chloride is straight in the low con- 
centration region and extrapolates to a Ag value of 
90.6; however, the data for this solute do not produce 
. a satisfactory straight line when tested in the 
Ostwald dilution law. A lower Ap value for hydrogen 
chloride than for ammonium chloride indicates that 
7 in dimethylformamide the hydrogen ion does not 
exhibit abnormal mobility. Similar behavior is shown 


ire A by these electrolytes in formamide’. 
tb- . A test of the Onsager equation using the present 
lu- data for hydrogen and ammonium chlorides in di- 
ell methylformamide shows a large discrepancy between 
by 20 7 the observed limiting slopes and those calculated by 
he use of the formula, 
op, 0.01 0.02 003 004 005 006 O08 slope = (pT? 
) )n 
of 
ant Fie. 1. The equivalent conductances of HCl (1) and This is additional evidence of strong interionic at- 
nd NH,CI (2) in dimethylformamide. traction even at low concentrations. The value for 
of Ee the viscosity at 20°C has been obtained as 0.88 centi- 
ith 007} : poise, and the dielectric constant (38.3) was caleu- 
lated from a preliminary value at 25°C (37.2) de- 
lin = termined in this laboratory, assuming the variation 
aos} M 4 with temperature to be the same as that observed 
° . 
by Akerléf (4) for ethylene glycol which has about 
" the same dielectric constant. The observed and caleu- 
003 lated values of the Onsager slopes are given in Table 
II. 
oo2r 
Any discussion of this paper will appear in a Discussion 
ae | Section, to be published in the December 1952 issue of the 
O02 003 004 005 006 007 008 A09 010 Oil 
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cel both these solutes in formamide give straight lines over a 
fore ; very considerable range of concentrations. The extrapolated 
Plots of equivalent conductance vs. the square Ao values at 20°C obtained from these plots are: HCI, 
root of the concentration are shown in Fig. 1. Both 24.1; NH,Cl, 28.3. The measurements in formamide could 
plots show considerable curvature but exhibit a not be made accurately at electrolyte concentrations below 
P : about 0.0005 molar because of the relatively high con- 
tendeney to become str owest concen- 
le | trat traight at the lowe — ductivity of the pure solvent (about 10°° ohm™! 
ae ations, making approximate extrapolation possible. hence there is some uncertainty as to the accuracy of the Ao 
* Although the Ao value of 70 for hydrogen chloride values obtained. 
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The Mechanism of Electrolytic Rectification’ 


H. E. Harine 


Bell Telephone Laboratories, Murray Hill, New Jersey 


ABSTRACT 


An electrochemical theory is proposed for rectification, as exemplified by the tanta- 
lum (or aluminum) electrolytic rectifier and capacitor. A detailed consideration of the 
mechanism of formation of the oxide film which constitutes the rectification barrier 
leads to the conelusion that this barrier consists of an electrolytic polarization, in the 
form of a concentration gradient of excess metal ions, permanently fixed or ‘‘frozen’’ in 
position in an otherwise insulating matrix of electro! ytically-formed oxide. The physical 
structure which has been described functions as (a) a current-blocking tonic space 
charge or (6) a current-passing electronic semiconductor, depending solely upon the 
direction of the applied voltage. The movement of electrons only is required. An ex- 
planation for breakdown of the barrier at excessively high voltages is suggested. This 
explanation may be applicable to dielectric breakdown of other kinds. 


INTRODUCTION 


Rectification at the area of contact between certain 
metals and electrolytes is a phenomenon which has 
challenged the imagination since its discovery many 
years ago. A number of explanations have been 
proposed but no one of them appears to have been 
generally accepted. Under the circumstances, further 
exploration is desirable, particularly because of the 
increasing importance of the electrolytic rectifier 
when used as a capacitor (1). 

Knowledge of the related phenomenon of rectifi- 
cation at the area of contact between metals and 
semiconductors is somewhat further advanced, but 
here too there does not appear to be unanimity of 
opinion as regards the mechanism or mechanisms 
involved (2, 3). Under the circumstances it should 
be of interest to attempt to apply the results of any 
study of metal/electrolyte rectification to metal/ 
semiconductor rectification (and vice versa) with a 
view to determining more precisely the exact nature 
of the relationship between the two. 

It is the purpose of this paper to present an 
electrochemical theory for rectification as exemplified 
by the tantalum (or aluminum) electrolytic rectifier 
and capacitor, and to suggest that this same theory 
may be applicable to other forms of contact rectifi- 
cation. An explanation for the breakdown of electro- 
lytic rectifiers and capacitors when subjected to 
excessively high voltages will be proposed; perhaps 
this explanation may be applicable to other kinds of 
dielectric breakdown. 


‘ Manuscript received May 29, 1951. This paper prepared 
for delivery before the Philadelphia Meeting, May 4 to 8 
1952. 


Tue TANTALUM ELecrro.tytic RECTIFIER 
AND CAPACITOR 


Description 


When tantalum is made anode in a suitable 
aqueous electrolyte at constant voltage, a thin film 
of tantalum ovide forms upon its surface with ex- 
treme rapidity, and simultaneously, current flowing 
through the circuit decreases to an extremely low 
value. This residual current becomes and remains 
approximately constant. 

Films which have identical properties also can be 
prepared by anodizing tantalum at constant current 
The rise in voltage with time is proportional to the 
quantity of current which has passed over most. o! 
the voltage range. When the desired voltage has 
been attained, anodizing is continued at this voltage 
until the residual current no longer decreases ap- 
preciably with time. 

The residual current which persists after film for- 
mation has been completed is known as the “leakage 
current” and appears to be due primarily to the 
presence of non-film forming impurities in the surface 
of the tantalum. These impurities can be determined 
by electrographic analysis (4). Any non-film forming 
impurity which remains in the tantalum surface 
prevents film formation at that point and a pore 
through the otherwise perfect tantalum oxide film 
is the net result. This pore contains electrolyte, and 
ionic conductivity through it is possible so long as 
the impurity remains. Fortunately, leakage current 
through pores is minimized by the minute oxygen 
bubbles formed within them by anodic action. Sum- 
marizing, leakage current may be regarded as ionic 
current flowing through pores, and perhaps along 
grain boundaries, in parallel with the tantalum oxide 


film. It appears to have no direct bearing on. the J 


phenomenon of rectification. 
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The electrolytically-formed film of tantalum oxide 
i; so thin and uniform that it exhibits the interference 
-olor corresponding to its thickness. The actual thick- 
ness of the film is directly proportional to the voltage 
at which it was formed, e.g., at room temperature 10 
volts produce a film approximately 100 A thick and 
100 volts produce a film approximately 1000 A thick. 
It follows that at room temperature a voltage 
gradient of at least 0.1 volt/ Ais required to produce 
growth. 

The electrolytically-formed film of tantalum oxide 
is permanent and blocks the flow of current whenever 
the electrode upon which it was formed is again 
made anode (charged positively with respect to the 
electrolyte). For this reason the film is sometimes 
referred to as the barrier. If the formation voltage 
of the barrier is exceeded at any time during subse- 


+ 
TANTALUM _—— INSOLUBLE, 
ELECTRODE ~ 7 NON-FILM-FORMING 
FILMED WITH ELECTRODE 
Td OXIDE 
— — AQUEOUS 
- ELECTROLYTE 
(A) BLOCKING CURRENT 
~ 
TANTALUM—— _- — INSOLUBLE, 
ELECTRODE \ NON-FILM-FORMING 
FILMED WITH ELECTRODE 
TO OXIDE 
HYDROGEN —+-> OXYGEN 
_- — AQUEOUS 


(8) PASSING CURRENT 
Fig. 1. Tantalum electrolytic rectifier 


quent use, the film rapidly and permanently assumes 
the thickness and color characteristic of the higher 
voltage. The ultimate limit is breakdown of the film. 

The barrier passes current whenever the tantalum 
electrode upon which it was formed is made cathode, 
provided that the decomposition voltage of the 
aqueous electrolytic cell of which it is a part is 
exceeded. In general, it may be assumed that several 
tenths of a volt more than 1.23 volts, the theoretical 
decomposition voltage for water, will be required to 
puss appreciable current ‘hrough an aqueous electro- 
lytic cell. 

When alternating current is employed, the barrier 
passes current in one direction and bloeks it in the 
ther, Le., it reetifies. A tantalum electrolytic rectifier 
ail the manner in which it functions are illustrated 
i) big. 1. Typical operating characteristics for such 
1 \cctifier are indicated in Fig. 2. These operating 
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characteristics are not unlike those of the copper 
oxide, selenium, and other forms of metal/semi- 
conductor rectifiers. 

The electrolytically-formed film of tantalum oxide 
exhibits an exceedingly high capacitance per unit of 
area when voltage is applied to it in the blocking 
direction, i.e., it functions as the dielectric of a polar 
capacitor. The electrolyti: capacitor will be discussed 
in further detail in other |)\\}))\cations. 


Formation of the Oxide Film 


An electrolytic process cacuscs growth of the tan- 
talum oxide film. Under influence of applied voltage, 
tantalum ions (which are much smaller than oxygen 
ions) migrate into the very thin air-formed film of 
oxide which always exists on tantalum, and through 
it until they reach the other side. Here they combine 
with oxygen ions, provided by the electrolytic sepa- 


100 


PASSING 


APPLIED VOLTAGE IN VOLTS 


0.1 i i L 
0.01 0.1 1 10 100 
CURRENT IN MILLIAMPERES 


Fig. 2. Typical operating characteristics of tantalum 
electrolytic rectifier. 


ration of water, to form more tantalum oxide. In 
this way the film grows and continues to grow until 
the applied voltage is no longer sufficient to pass 
current and produce further growth. This electro- 
chemical explanation for film growth is not new, and 
it is generally believed to be correct (5). It applies 
not only to films such as those of tantalum and 
aluminum oxide, which are formed electrolytically by 
means of an applied voltage, but also to those such 
as cuprous oxide, which are formed electrolytically 
by means of the voltage which is inherent in chemical 
reaction (6, 7). 

The film-forming mechanism which has been out- 
lined does not explain rectification, but it can be 
extended to provide a physical picture of the barrier 
film and on thé basis of this physical picture a 
mechanism for rectification can be suggested. How- 
ever, before attempting to develop the film-forming 
mechanism further, it is well to establish more pre- 
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cisely certain circumstances surrounding film forma- 
tion. 

When a metal is made anode in aqueous electrolyte 
a positive charge is established on it and a negative 
charge on the electrolyte in « itact with it. The 
double layer of positive and negative charges at the 
interface may be regarded as the charge on a ca- 
pacitor in which the space between the positive and 
negative charges functions as the dielectric. It will 
be recognized that these positive and negative 
charges are more than mere positive and negative 
signs; they are ions. 

When tantalum is made anode in aqueous elec- 
trolyte the positive charges can be regarded as tan- 
talum ions and the negative charges as oxygen ions. 
Tantaluin is not soluble in an electrolyte suitable for 
film formation and in consequence tantalum ions 
and oxygen ions must accumulate in equivalent 
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Fic. 3. The barrier cell. Formation of the tantalum 
oxide film. 


quantities at the anode interface until the charge on 
the electrode has risen to the potentia! required to 
sustain the next easiest reaction at the current 
density employed. The next easiest reaction in this 
case is the oxidation of tantalum to form tantalum 
oxide. Oxygen evolution, the only other possible 
reaction, does not occur during normal electrolytic 
oxidation of tantalum. Experiments now in progress 
indicate that electrolytic oxidation of pure tantalum 
is virtually 100 per cent efficient. However, it is 
well to state at this time that these same experi- 
ments have shown that oxygen gas is evolved when 
film breakdown occurs. Evidently the oxidation re- 
action takes place between the static potential of 
tantalum in the film-forming electrolyte and the 
potential required for oxygen evolution on tantalum 
oxide in the same electrolyte. This is a range of 
about two volts (4). The exact potential required 
to sustain the oxidation reaction is determined by 
current density employed; the higher the current 
density, the more nearly the potential required to 
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sustain the oxidation reaction must approach the 
potential at which oxygen evolution begins. The 
less than two volts required to make tantalum oxide 
is extremely small in comparison with the 50 to 200 
volts or more required to make complete films of 
tantalum oxide of the thicknesses usually employed. 
The reason for this is discussed later. 


The “Barrier Cell’’ 


The system tantalum/tantalum oxide/oxygen, 
which is involved in the film-forming process, may 
be regarded as an electrolytic cell in which tantatum 
functions as the anode, adsorbed oxygen as the 
cathode, aud the growing film of tantalum oxide as 
the “electrolyte.”” For present purposes this elec- 
trolytic cell will be referred to as the “barrier cell.” 
The barrier cell and its relation to the aqueous 
electrolytic cell with which it is associated, is shown 
in Fig. 3. This is a schematic diagram of the process 
of film growth. 

Note that during film growth the interface be- 
tween the growing film and the aqueous electrolyte 
functions as the cathode of the barrier cell, and as 
the anode of the aqueous electrolytic cell. Thus it is 
a bipolar electrode. More specifically it is an oxygen 
electrode at which the tantalum ions which have 
migrated through the growing film react wih ad- 
sorbed oxygen ions to make tantalum oxide. 

For the purpose of analysis, four specific processes 
may be distinguished in and at the outer surface of 
the barrier cell during film growth. These are (1) 
formation of tantalum ions at the anode interface 
between tantalum and the growing film, (2) simul- 
taneous adsorption of an equivalent number of elec- 
trolytically provided oxygen ions at the interface 
between the growing film and aqueous electrolyte, 


(3) migration of tantalum ions into and through the — 


growing film, and (4) reaction between tantalum 
ions which arrive at the outer surface of the growing 
film and oxygen ions which are adsorbed on it. 
Electrode reactions which occur inside the barrier 
cell and at its outer interface, viz., processes (1), (2), 
and (4), must take place with extreme rapidity be- 
cause they involve merely the transfer of electrons. 
However, process (3) must be a much slower process 
inherently, because it involves the movement of an 
electrically equivalent number of ions through a 
solid. The inescapable conclusion is that in the elec- 
trolytic formation of a tantalum oxide film, the rate 
of migration of these excess tantalum ions into and 
through the film must tend to lag behind the rate of 
their appearance at the tantalum anode and their 
disappearance at the oxygen cathode. It follows that 
in the growing film there must be an accumulation 
of excess tantalum ions in the vicinity of the tanta- 
lum anode, and a depletion of excess tantalum ions 
in the vicinity of the oxygen cathode. This is el: c- 
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olytic polarization. And a compensating increase in 
applied voltage is required for the continuation of 
electrolysis and the maintenance of film growth. 
urthermore, this is electrolytic polarization in a 
cell in which the electrodes are so close together 
that the concentration change at one electrode must 
merge smoothly into the concentration change at 
the other, to produce a completely polarized ‘“elec- 
trolyte”’ in which the concentration of excess tanta- 
lum ions decreases from a maximum at the tantalum 
electrode to a minimum at the oxygen electrode. 
There is reason to believe that this decrease in con- 
centration is exponential in character. 

‘araday’s Law applies to the barrier cell just as 
it does to any electrolytic cell. The passage of a 
certain quantity of current produces an equivalent 
quantity of tantalum ions at the surface of the 
tantalum anode and an equivalent quantity of ad- 
sorbed oxygen ions at the outer (anode) surface of 
the bipolar electrode. But the tantalum ions which 
form at the anode must migrate into and through 
the tantalum oxide film before they are available 
for combination with oxygen ions at the inner (cath- 
ode) surface of the bipolar electrode. This means 
that at any given time there must be a certain 
number of tantalum ions in transit from one side of 
the film to the other, and that the exact equivalent 
of these ions, in the form of adsorbed oxygen ions, 
must be awaiting their arrival at the outer surface 
of the growing film. Obviously, therefore, tantalum 
ions do not combine with oxygen ions quite so fast 
as tantalum ions are produced, and it may seem 
that Faraday’s Law is violated at the electrode at 
which this combination takes place. However, this 
is not the case. The difference in the quantity of 
current which arrives at the cathode of the barrier 
cell via migrating tantalum ions and that required 
by Faraday’s Law must be supplied by the charge 
which is known to be built up on the tantalum oxide 
film as it increases in thickness during the formation 
process. This charge, which is established (as shown 
in Fig. 3) by the asymmetric accumulation of un- 
combined (excess) tantalum ions en route into and 
through the tantalum oxide film and their equivalent 
in uncombined oxygen ions adsorbed on the outer 
surface of the film, is similar to, but not identical 
with, the charge established on the dielectric of any 
capacitor by an applied voltage. It will be recognized 
as the emf of electrolytic polarization, and also as an 
lonie space charye. The two may be assumed to be 
identieal, 


Analysis of Barrier Voltage 
he total voltage drop across the barrier cell 
ig the film-forming process can be determined 


© same manner as the emf of any electrolytic 
rization (8). The tip of a reference half cell is 
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placed in contact (or close proximity) with the oxide 
film and the potential difference between the 
reference half cell and the tantalum electrode meas- 
ured by means of a vacuum tube voltmeter. This 
potential difference can be measured continuously 
during electrolysis, and also immediately following 
electrolysis as it discharges through the extremely 
high resistance of the vacuum tube voltmeter (e.g., 
R = 11 megohms). At the completion of the film- 
forming process, when the leakage current has 
dropped to a minimum value and the applied voltage 
is no longer capable of producing further growth, 
results of these two measurements are identical. 
There is no instantaneous drop in electromotive 
force when the applied voltage is disconnected, thus 
switching from one condition of measurement to the 
other. This means that no measurable part of the 
opposition to further growth which is manifested by 
the tantalum oxide film at the completion of its 
formation is /R drop and that all of it must be 
counter-electromotive force. It follows that the film 
stops growing when the counter-emf of the polariza- 
tion within it has become equal to the applied voltage 
which caused it. 

The counter-clectromotive force measured by the 
method which has heen described is necessarily the 
sum of the counter-electromotive forces developed 
by all of the processes which take place within and 
at the outer surface of the barrier cell during film 
growth. Actually, processes (2) and (4) (see above) 
are inseparable insofar as polarization and the 
counter-emf of polarization attributable to them are 
concerned because they both take place at the same 
interface. And, since it is known that both of these 
reactions (which in combination have been referred 
to previously as the “oxidation reaction’’) take place 
at a polarization which is less than that required for 
oxygen evolution, it follows that the counter-emf 
established across the outer interface of the barrier 
cell during film growth cannot exceed the polarization 
required for oxygen evolution, i.e., approximately 
two volts with respect to tantalum. This polariza- 
tion, which is required to make oxide alone, is small 
in comparison with the total emf of one or two 
hundred volts required to make the entire film of 
oxide. Obviously, practically all of the counter-emf 
developed by the barrier cell must be attributed to 
process (1), the formation of tantalum ions, and 
process (3), the migration of tantalum ions into and 
through the tantalum oxide film. Actually, these two 
processes also are difficult to separate insofar as 
polarization and the counter-emf of polarization are 
concerned. The net reaction is the anodic injection 
of .xcess tantalum ions into solid tantalum ‘Oxide. 
Polarization as a result of this anodic action extends 
from the surface of the tantalum electrode into and 
throughout the entire thickness of the tantalum 
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oxide film; it also increases in direct proportion to 
film thickness. In consequence it must be attributed 
essentially to the difficulty of moving tantalum ions 
through tantalum oxide. 

The conclusion may be drawn that the total 
counter-emf developed by the electrolytically-formed 
tantalum oxide film is the sum of (a) the large 
counter-emf developed within the film by polariza- 
tion of the tantalum electrode as a result of the 
difficulty of moving tantalum ions through tantalum 
oxide, and (b) the small (less than two volts) counter- 
emf developed at the outer surface of the film by 
polarization of the oxygen electrode as a result of 
the accumulation of oxygen ions. No 7R drop is 
involved. 


““Frozen”’ Ions 


The voltage required to cause the growth of a 
tantalum oxide film increases in direct proportion to 
film thickness. The voltage gradient required at 
room temperature is approximately 0.1 volt, A. Since 
all of this voltage is required to overcome counter- 
emf, and since practically all-of this countr-emf is 
attributable to the difficulty of moving excess tan- 
talum ions through tantalum oxide, it may be con- 
cluded that at room temperature a minimum 
gradient of approximately 0.1 volt /K is required to 
move tantalum ions through tantalum oxide. In 
other words, excess tantalum ions are not mobile in 
solid tantalum oxide unless a definite activation 
energy is made available for the purpose. This is 
in accord, in principle, with the conclusivns of 
Verwey (9) and Mott (10) in the analogous case 
involving migre‘ion of aluminum ions through alu- 
minum oxide. It is also in accord with generally 
accepted views pertaining to the movement of ions 
through ionic crystals as discussed by Barrer (11). 
Introduction of the activation energy concept into 
the present discussion is exceedingly important. It 
means that excess ions which have been forced to 
assume certain positions with relation to ah ionic 
crystal lattice will remain permanently fixed or 
“frozen”’ in position unless and until the activation 
energy required for their movement is again pro- 
vided. 


Discharge of the Barrier 


The mechanism of discharge of the counter-emf of 
polarization within the tantalum oxide film differs 
somewhat from the mechanism of discharge of polari- 
zation in aqueous electrolytes. When the counter-emf 
of polarization at an ionizing anode discharges in 
aqueous electrolyte, the accumulation of io.s which 
causes polarization disappears. Some of these excess 
ions may be assumed to be returned to the electrode 
from which they originated by the discharge of the 
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counter-emf of polarization; others are removed by 
diffusion and convection. When the counter-emf of 
polarization in a completed tantalum oxide film 
discharges, the accumulation of tantalum ions which 
causes polarization cannot return to the electroce 
of origin (the tantalum) because the discharging 
counter-emf of polarization is necessarily less than 
0.1 volt/A and therefore insufficient to move tanta- 
lum ions through tantalum oxide. Certainly, diffusion 
and convection, those factors which are so effective 
in decreasing polarization in aqueous electroiytes, 
cannot be effective in solid tantalum oxide at room 
temperature. It follows that the asymmetric arrange- 
ment of excess tantalum ions which coustitute the 
polarization in the tantalum oxide film must remain 
permanentiy fixed or “frozen” in position, and dis- 
charge of the counter-emf of polarization which 
these ions produce must be accomplished by the 
movement of electrons. 

The electrons involved must be those which are 
associated with the adsorbed oxygen ions at the 
outer surface of the tantalum oxide film. These 
electrons move via the discharge circuit to the tan- 
talum metal and enter the oxide film from the tanta- 
lum. This is in agreement with the fact that the 
direction of current flow when polarization discharges 
is invariably opposite to the direction of current 
flow when polarization is established. There is no 
question but that the tantalum oxide containing 
the asymmetric arrangement of excess tantalum ions 
is sufficiently conducting to draw electrons into and 
through itself until it has become electrically neutral. 
Actually the emf tending to draw electrons from the 
tantalum into and throughout the tantalum oxide 
film approaches 0.1 volt/A (10’ volts/em). The elee- 
tronically neutralized tantalum ions may be regarded 
as tantalum ‘‘atoms”’ existing in the tantalum oxide 
film in exactly the same configuration as their prede- 
cessor ions. 


The Mechanism of Rectification 


It is now possible to present what appears to be a 
reasonably accurate picture of the barrier in the 
tantalum clectrolytic rectifier and capacitor and to 
suggest the manner in which it functions. On open 
circuit, and therefore discharged and in the ‘“‘atomic”’ 
state, the barrier can be represented by the sketch 
shown in Fig. 4A. It will be understood that the 
decreasing array of signs symbolizes a decreasing 
accumulation of excess tantalum ions and their asso- 
ciated conductivity electrons distributed throughout 
the thickness of the tantalum oxide film. Also, it 
will be understood that in the absence of these excess 
ions and their associated conductivity electrons the 
tantalum oxide would be an excellent insulator. N«te 
that in the open circuit condition there are no \n- 
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neutralized electrical charges in or on the barrier. 
Actually the barrier is electrically neutral and ex- 
hibits no charge. In this respect it differs from an 
electret, which does exhibit a charge when on open 
cireuit. An explanation for this difference will be 
proposed at a later date. 

‘.Y the exact voltage which was used to complete 
formation of the barrier shown in Fig. 4A is again 
applied to it in the film-forming direction, all of the 
conductivity electrons associated with the tantalum 
ions in the barrier must leave the tantalum oxide 
(exposing the asymmetric arrangement of positively 
charged tantalum ions), enter the tantalum, pass 
through the external circuit, and reappear at the 
oxide/electrolyte interface as the charges on ad- 
sorbed oxygen ions, thus re-establishing the exact 
picture which existed at the completion of the film- 
forming process prior to disconnecting the film- 
forming voltage. This picture, which shows the 
barrier functioning at full voltage applied in the 
blocking direction, either at the completion of the 
film-forming process or at any time thereafter, is 
shown in Fig. 4B. No current flows through the 
barrier because the applied voltage is exactly 
counterbalanced by the counter-emf of polarization. 
It will be recalled that “leakage current” has been 
attributed to conduction through pores and other 
defects in parallel with the harrier. If the voltage 
applied to the barrier shown in Fig. 4A is less than 
its formation voltage, then the number of electrons 
extracted from the barrier will be just sufficient to 
re-establish an electrolytic polarization which exactly 
counterbalances the applied voltage, thus preventing 
the flow of current. No attempt will be made to 
represent graphically partial evacuation of electrons 
associated with tantalum ions in the barrier. Suffice 
it to say that the counter-emf thus established in- 
variably must be equal and opposite to the applied 
voltage. 

The original establishment of electrolytic polari- 
zation in the tantalum oxide film requires movement 
of ions, but, once established, this polarization can 
be re-established, either wholly or in part, merely by 
movement of electrons. At no time subsequent to 
formation of the ionic barrier is it possible to obtain 
a voltage gradient which is sufficient to move ions 
again and thus modify the barrier, unless the forma- 
tion voltage is exceeded. This accounts for the sta- 
bility of the rectification barrier and for its electronic 
behavior, the basis for which is ionic. 

When a voltage is applied to the barrier shown in 
Fig 4A in the current passing direction (tantalum 
negative), current passes through it quite readily via 
the conductivity electrons associated with the tan- 
taliin ions, as indicated in Fig. 4C. It is necessary, 
ol course, to apply a voltage in excess of the de- 


ELECTROLYTIC RECTIFICATION 35 


composition voltage of the aqueous electrolyte ei- 
ployed in the rectifying cell. Conductivity electrons 
associated with tantalum ions in the oxide film are 
drawn across the tantalum oxide/electrolyte inter- 
face by the reaction 2H+ + 2(—) = Hb» gas, and 


(A) ON OPEN CIRCUIT (DISCHARGED) 
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Fic. 4. Symbolic representation of the barrier in the 
tantalum oxide film. 


simultaneously an equal number of electrons are 
siphoned into the barrier from the tantalum electrode 
and the circuit beyond. Thus the circuit is com- 
pleted and current flows and continues to flow until 
the applied voltage is disconnected or reversed. 
When the barrier shown in Fig. 4A is subjected 


by 
of 
im 
ch ‘ 
le 
hg 
an 
ch 
are Uy, 
the "Uy | 
ese Uy | 
| Y | 
the Yy YY | 
the + 


36 ~ JOURNAL OF THE ELECTROCHEMICAL SOCIETY 


to alternating current, the picture alternates be- 
tween that shown in Fig. 4B and that shown in 
Fig. 4C. These changes are electronic and take place 
with extreme rapidity. The net effect is that the 
barrier functions alternately as (a) an ionic space 
charge which exactly counterbalances the applied 
voltage and thus blocks the flow of current, and 
(b) as an electronic semiconductor which permits the 
flow of current in the usual manner. In other words, 
it rectifies. 


Breakdown of the Barrier 


If the formation voltage of the barrier is exceeded 
at any time during use, further film growth takes 
place, and the barrier rapidly and permanently 
assumes the properties which are characteristic of 
the higher voltage. Ultimately, however, film growth 
slows down, and a voltage is reached which cannot 
be exceeded. Oxygen bubbles appear at the oxide/ 
electrolyte interface and orderly growth of a colored 
film is succeeded by sporadic growth of a dull gray, 
powdery deposit of tantalum oxide (4). The current 
increases and fluctuates violently. Finally, a mi- 
gratory display of minute sparks becomes clearly 
visible at the oxide/electrolyte interface. This 
“scintillation,” as it is termed, marks the final stage 
of what will be recognized as dielectric breakdown 
of the tarialum oxide film. 

It is essential that the cause of this breakdown be 
determined, not only because such knowledge is pre- 
requisite to the development of improved electrolytic 
rectifiers and capacitors, but also because certain 
aspects of the general problem of dielectric break- 
down may be explained thereby. A brief discussion 
of the subject is appropriate at this time; further 
exploration may be possible at some future date. 

Increasing the voltage to which a film is formed 
does more than increase the thickness of the barrier; 
it also increases the number of positively charged 
tantalum ions which are on their way through the 
tantalum oxide film and the equivalent number of 
oxygen ions which are adsorbed on its outer surface. 
This increase in the concentration of oxygen ions 
which are adsorbed on the outer surface of the 
growing film is particularly significant. It will be 
recalled that the outer surface of the growing film is 
an oxygen electrode, at which tantaium ions com- 
bine with oxygen ions during the film-forming 
process. However, if the concentration of adsorbed 
oxygen ions at this electrode increases sufficiently to 
establish the potential which is required for oxygen 
evolution, then oxygen evolution will occur, and the 
production of tantalum oxide and the evolution of 
oxygen gas will take place simultaneously. Considera- 
tion of the mechanisms of these two reactions reveals 
the fact that the combination of tantalum ions with 
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oxygen ions to produce tantalum oxide does jo} 
release electrons, but that the evolution of oxygen 
gas does release electrons. These electrons, which 
come from the electrolyte, cross the oxide /electrolyte 
interface by means of the reaction 2 O-~ — 4(—) = 
O» gas, and pass into and through the tantalum oxide 
film and the circuit beyond. Electronic conduction 
through the film in this direction is made possible by 
the fact that at this time the full counter-emf of 
polarization within the film is exceeded by the applied 
emf. Penetration of the barrier by the electrons which 
are made available by oxygen evolution at the outer 
surface of the tantalum oxide film may be regarded 
as the first stage of ‘dielectric breakdown”’ of the 
tantalum oxide film. 

It will be recognized that the discharge of oxygen 
gas is not the only anodic reaction which will liberate 
electrons and thus initiate breakdown. Certain 
anions, such as those of chlorine, bromine, and 
iodine, discharge and release electrons at a potential 
which is lower than that required for oxygen evolu- 
tion, if present in the aqueous electrolyte in sufficient 
concentration. This is in accord with the well-known 
fact that the breakdown voltage of electrolytic recti- 
fiers and capacitors is dependent to a considerable & 
extent upon the nature and concentration of the @ 
anions present (12). 

Circumstances surrounding dielectric breakdown 


of the tantalum oxide film may be explained on the bs 


basis of this penetration of the barrier by electrons 
moving through it under the influence of a voltage 
applied in the blocking direction. Traverse of the 
barrier by electrons moving through it under such 
circumstances would neutralize some of the positively 
charged tantalum ions in the film, thus reducing the 
counter-emf of polarization and permitting more 
tantalum ions to move out through the film from 
the tantalum metal to form more tantalum oxide 
These ions in their movement outward would tend @ 
to follow the paths of least opposition established 
by the electrons in their movement inward. This 
would account for the sporadic pattern assumed by 


the gray tantalum oxide deposit. Scintillation @ 


appears to be merely an indication that electronic 
conductivity has attained avalanche proportions 
locally. Such avalanches may produce irreparable J 
damage to the film and mark the end of its usefu! 
life. 

In the preceding discussion, dielectric breakdow» 
of the tanialum oxide film has been attributed to the 
attainment of a potential difference across one of ts 
interfaces which is sufficient to initiate an electron 
emitting electrochemical reaction. In this particula! 
‘ase the potential difference attained across the inter: 
face is known to be of the order of two volts. I! 
seems reasonable to believe that this same explana- 
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‘jon, expanded to include either an electron emitting 
or an electron extracting reaction, may be applicable 
to other kinds of dielectric breakdown. 


CONCLUSIONS 


The essential feature of the rectification barrier 
described in this paper is the asymmetric arrange- 
ment of excess tantalum ions which are permanently 
fixed in an insulating matrix of solid tantalum oxide. 
When subjected to an alternating voltage this 
“frozen”? concentration gradient functions alter- 
nately as a basis for the establishment of (a) an 
electrolytic polarization (ionie space charge) which 
blocks the passage of current, and (b) an electronic 
semiconductor which permits the passage of current. 
This transition involves the movement of electrons 


’ 


only. 

Current is blocked when that side of the gradient 
which contains the maximum concentration of the 
positively charged tantalum ions is charged posi- 
tively; conversely current is passed when that side 
of the gradient which contains the maximum concen- 
tration of the positively charged tantalum ions is 
charged negatively. This direction of rectification is 
predictable on the basis of knowledge that the ion 
concentration gradient is an electrolytic polarization 
which was formed at an anode; a cathodic polariza- 
tion would rectify in the opposite direction. It is also 
predictable on the basis of the orientation and conse- 
quent polarity of the ionic space charge involved. 

The “frozen” concentration gradient which has 
the basis for the rectification 
barrier in the tantalum electrolytic rectifier and 
capacitor is a simple type of electrolytic polarization 
established by anodically injecting  positively- 
charged ions into a solid “electrolyte.” It is a recog- 
nized iact, however, that there are four simple types 
of electrolytic polarization (13). These may be clas- 
sifiea as due to (1) the anodic injection of positive 
ions, (2) the cathodic injection of negative ions, (3) 
the anodic extraction of negative ions, and (4) the 
cathodic extraction of positive ions. The first two 
involve accumulation; the last two, depletion. If the 
first of these four types of electrolytic polarization 
exists in the solid state and functions as a rectifica- 
tion barrier, then it is reasonable to believe that any 
one of the other three also may exist in the solid 
state and function as a rectification barrier. 

Concentration gradients can be prepared under 
controlled conditions by electrolytic action, but cer- 


been described as 
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tainly it is not essential that they be prepared in this 
manner. For example, the simple diffusion of ions 
(or atoms) into or out of a solid produces a concen- 
tration gradient, and on the basis of the theory 
outlined in this paper such a gradient, if permanently 
established in a suitable medium, should be capable 
of functioning as a rectification barrier. The ‘‘de- 
pletion layer” (14) in the silicon rectifier appears to 
be a barrier of this kind. The interdiffusion of 
oppositely-charged ions across the interface between 
two suitable media in intimate contact with each 
other produces a double concentration gradient, 
which also should be capable of functioning as a 
rectification barrier. The “transition zone” (15) in a 
germanium P/N junction appears to be a barrier of 
this kind. 

In a future paper it is planned to discuss the 
relationship between the four simple types of elec- 
trolytic polarization and four distinguishable types 
of contact rectification. 


Any discussion of this paper will appear in a Discussion 
Section, to be published in the December 1952 issue of the 
JOURNAL. 
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